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Boles, Kristin Alexis (Ph.D., Chemistry)
Electrochemistry of Tris(tetrachlorocatecholate) Complexes of Manganese, Iron, and Cobalt
Thesis directed by Professor Cortlandt G. Pierpont
Homoleptic first-row transition metal complexes of tetrachloroquinones have been synthesized
and characterized. These complexes show unique electrochemical properties, as they have the ability
to undergo ligand-based redox chemistry. Mononuclear, tris(tetrachlorocatecholate) complexes of
chromium and vanadium have previously been prepared and are well-characterized. Here, the first-
row transition metal series is completed by synthesizing and characterizing the manganese, iron,
and cobalt analogs.
Synthesis of the tris(tetrachlorocatecholato)manganese(IV) dianion, [Mn(Cl4Cat)3]
2–, has
previously been described. A synthesis for the mixed-valence bis(tetrachlorocatecholato)tetrachloro-
semiquinonatocobalt(III) dianion, [Co(Cl4Cat)2(Cl4SQ)]
2–, is presented, as well as syntheses for
tris(tetrachlorosemiquinonato)iron(III), Fe(Cl4SQ)3, and tris(tetrachlorocatecholato)iron(III) tri-
anion, [Fe(Cl4Cat)3]
3–. These complexes have been characterized with spectroscopy, X-ray crys-
tallography, and magnetic susceptibility measurements. These confirm mononuclear, homoleptic
complexes of MnIV, hs-FeIII, and ls-CoIII.
These complexes undergo ligand-based redox chemistry, which has been studied using cyclic
voltammetry and differential pulse voltammetry. The separation in potential between the ligand-
based redox couples has been used to gauge the degree of interligand electron coupling though
the metal center, which acts as a bridge for electron transfer. The dianion manganese complex,
[Mn(Cl4Cat)3]
2–, has complicated electrochemical behavior, with strong solvent dependence. The
neutral iron complex Fe(Cl4SQ)3 and the trianion complex [Fe(Cl4Cat)3]
3– have the same elec-
trochemistry, which occurs over a narrow potential range. The iron complexes have unique elec-
trochemical properties, as three distinct oxidation peaks are observed, but only one broad reduc-
tion peak at scan rates greater than 10 mV/s, which resolves into three peaks at slower scan
iv
rates. This is observed in multiple solvents. The iron complex redox series, FeIII(Cl4SQ)3 −−⇀↽−
[FeIII(Cl4Cat)(Cl4SQ)2]
– −−⇀↽− [FeIII(Cl4Cat)2(Cl4SQ)]2– −−⇀↽− [FeIII(Cl4Cat)3]3–, has been char-
acterized using spectroelectrochemistry. The dianion cobalt complex, [Co(Cl4Cat)2(Cl4SQ)]
2–, is
unusual in that it is synthesized as a mixed-valence compound, with ligands in different oxidation
states. Cyclic voltammetry of this complex shows two reversible one-electron couples at nearly the
same potential, which have been resolved using differential pulse voltammetry.
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Chapter 1
Introduction
Transition metal-quinone compounds have been known since 1890, although study of these
compounds was not widespread until the 1970s.1,2 Since then, many transition metal-quinone
complexes have been synthesized and characterized, and they have become an important part of
bioinorganic chemistry, as part of the modeling of metal complexes with ”non-innocent” ligands.3,4
Non-innocent ligands are ligands that may themselves change in oxidation state, while innocent
ligands, e.g. halides, are considered to have a fixed oxidation state. In this way, non-innocent
ligands behave similarly to transition metals, which also may have multiple oxidation states.
One property of complexes with multiple non-innocent ligands is that they may be mixed-
valence. Mixed-valence materials are best known as polymetallic complexes, of which one of the
most famous examples is the Creutz-Taube ion (Figure 1.1).5
Figure 1.1: The Creutz-Taube ion
The Creutz-Taube ion is a bimetallic complex with two pentaammine ruthenium centers
bridged by pyrazine (pz). It has an overall charge of +5, which formally assigns RuII and RuIII ox-
idation states, hence mixed-valence, as each ruthenium has a different number of valence electrons.
Mixed-valence materials have been studied extensively,6–10 especially the electron transfer between
2the mixed-valence centers, which for the Creutz-Taube ion is the equilibrium:
[(NH3)5Ru
II(pz)RuIII(NH3)5]
5+ −−⇀↽− [(NH3)5RuIII(pz)RuII(NH3)5]5+
The rate of electron transfer depends upon the degree of charge localization, that is, the coupling be-
tween the mixed-valence centers. Coupling depends on several factors, including distance between
mixed-valence centers and the environment surrounding each center. Robin and Day developed
three broad categories describing the degree of interaction between mixed-valence centers.6 Class
I compounds are described as having localized valences, where there is little or no communica-
tion between the mixed-valence centers. Class II compounds have some degree of communication
between mixed-valence centers, with an activation energy barrier to electron transfer between the
centers. Class III compounds are described as having completely delocalized charge, with no barrier
to coupling between mixed-valence centers.
The degree of coupling, Hab, may be analyzed by spectroscopy through an analysis of the
intervalence charge transfer (IVCT) band.11,12 Class I (Hab = 0) and weakly-coupled Class II
compounds do not generally have an observed IVCT band, whereas more strongly coupled Class II
(0 < Hab < λ/2) and Class III (Hab ≥ λ/2) compounds have an IVCT band in the near-infrared
or visible spectrum. For systems where coupling is very weak, and IVCT transitions are either
not observed or too weak to analyze, the comproportionation constant, Kcom, calculated from the
separation between E◦ of electrochemical couples, may be used to describe coupling strength.13
The Creutz-Taube ion generally considered a Class III compound. Essentially, the ion exists
as [(NH3)5Ru
II1/2(pz)RuII1/2(NH3)5]
5+, with both ruthenium centers indistinguishable from each
other. An IVCT band is observed at 1570 nm, with ε = 5000 M-1cm-1 (in water). Substituting other
bridging molecules for the pyrazine has allowed researchers to investigate the effect of distance and
aromaticity on the electron transfer. For example, with 4,4’-bipyridine as the bridging molecule,
Kcom = 20 while using 3,3’-dimethyl-4,4’-bipyridine results in Kcom = 9.8 (both in water).
7,13
The bridging distance for each of these complexes is the same (11.3 A˚), but the additional methyl
groups halve the comproportionation constant. In this case, the methyl groups cause the rings
3to be perpendicular to each other, inhibiting electron transfer. Simply evaluating bond lengths
and distances between redox centers does not necessarily grant insight into the degree of coupling.
Furthermore, pinning down the difference between completely-delocalized Class III and partially-
delocalized Class II systems is still a challenge, even with modern analytical techniques.9,14
Electrochemical properties of polymetallic clusters, such as oligomers of ferrocene, often in-
clude cyclic voltammograms with multiple one-electron couples, the separation of which depends
upon the degree of coupling between metal centers.15,16 Class I compounds, with completely lo-
calized valency, have one-electron couple at the same, or nearly the same, potential. As electron
transfer between mixed-valence sites increases towards Class II and Class III regimes, the separation
between couples also increases. Transition metal-quinone complexes may exhibit similar behavior,
with the couples corresponding to either redox activity on the non-innocent ligands or the metal
center. These complexes are unique in that it is the metal center of the complex that acts as the
bridge between redox-active ligands, rather than ligands acting as a bridge between metal centers.
Some of these complexes exhibit properties desirable in electrocatalysts, with multiple reversible
redox couples within a narrow range of potential. These may supply or accept multiple electrons
to catalyze redox reactions. One advantage of ligand-based redox chemistry is that it does not rely
on oxidative additon/reductive elimination to transfer electrons, so the chemistry it facilitates does
not have to be on substances that ligate with the metal. Furthermore, the narrow potential range
of the redox couples mitigates the problem of chemically-active intermediates by allowing multiple
electrons to be transferred nearly simultaneously.
Another complication of transition metal-quinone electrochemistry is valence tautomerism.
Valence tautomerism describes the property of electron transfer between metal centers and non-
innocent ligands, of the type Mn(Lm) −−⇀↽− Mn+1(Lm–1). This has previously been observed in
quinone complexes of vandium, manganese, cobalt, iron, and copper.17–22 Determining valence
tautomerism is especially challenging when there is no accompanied change in overall spin, and
thus no change in magnetic moment. Spectral differences may help to clarify this, although these
may be obscured by strong ligand-to-metal charge transfer (LMCT) absorptions.
4Many first-row transition metal quinone complexes have been synthesized and character-
ized, of both homoleptic and heteroleptic varieties.2,23–52 This thesis focuses on tris complexes
of tetrachloro-1,2-benzoquinones, whose three oxidation states are shown in Figure 1.2. Dian-
ionic tetrachlorocatecholate (Cl4Cat
2–) is the most reduced form, which can be oxidized in two
one-electron steps to radical anion tetrachloro-1,2-semiquinone (Cl4SQ
•–) and neutral tetrachloro-
1,2-benzoquinone (Cl4BQ).
Figure 1.2: The three redox forms of tetrachloro-1,2-benzoquinone
Each of these quinone oxidation states has been isolated and characterized, including their
redox potentials independent of metal chelation.53–55 Many different quinone ligands have been
studied, which exhibit different electrochemical behavior based on their electrophilic properties
and the properties of the metal center. Complexes of 9,10-phenanthraquinones, 3,5-di-tert-butyl-o-
quinones, and 3,6-di-tert-butyl-o-quinones have been studied extensively, and their electrochemistry
is well-characterized.2,21,28,44,45,47,48,52,54,56,57 First row transition metals will form tris-quinone
complexes, theoretically allowing a seven-membered redox series:
[M(BQ)3]
n +e
−−−−⇀↽ − [M(BQ)2(SQ)]n−1
+e−−−−⇀↽ − [M(BQ)(SQ)2]n−2
+e−−−−⇀↽ − [M(SQ)3]n−3
+e−−−−⇀↽ − [M(SQ)2(Cat)]n−4
+e−−−−⇀↽ − [M(SQ)(Cat)2]n−5
+e−−−−⇀↽ − [M(Cat)3]n−6
All redox activity is on the ligands, and n depends on the oxidation state of the metal
center, M. The full seven-membered redox series has been observed using cyclic voltammetry
for a chromium-quinone complex, where the chromium is +3 and the quinone ligands are 9,10-
phenanthrenequinone, although for the more electrophilic tetrachloro-1,2-quinone, only the four
5most reduced members of the redox series have been observed (Figure 1.3). The diketone structure
of the benzoquinone makes it a weak donor ligand, and it is therefore subject to dissociation under
the conditions of electrochemical experiments (polar solvents, high concentration of electrolyte).
Electrophilic chlorines as substituents on the ring draw electron density away from the chelating
oxygens, making Cl4BQ even more prone to dissociation. Furthermore, the more electrophilic the
ligands are, the more positive the potentials of the redox couples.58 This means that theoretical
potentials for complexes of tetrachloro-1,2-benzoquinone, if they were stable enough to be observed,
would be far positive of most accessible electrochemical ranges.
Tris-tetrachloro-1,2-quinone complexes of vanadium and chromium have been previously syn-
thesized and are well characterized.2,26 Their cyclic voltammograms are shown in Figures 1.3 and
1.4. Each shows three distinct redox couples, clearly identifying each of the four-membered redox
series that goes from (Cl4Cat)3 to (Cl4SQ)3. The chromium complex is of more interest, as the
chromium ion has enough kinetic stability so that all of the redox couples are ligand-based. The
vanadium complex, on the other hand, also undergoes redox chemistry at the metal center.25,59
VV(Cat)2(SQ) −−⇀↽− [VV(Cat)3]− −−⇀↽− [VIV(Cat)3]2− −−⇀↽− [VIII(Cat)3]3−
For the chromium complex, three clear redox couples are clear over a range of approximately
1.3 V. This is an example of a Robin and Day Class II compound, although unlike other well-known
mixed-valence compounds like the Creutz-Taube ion, [Ru(NH3)5]2(C4H4N2)
5+, the mixed-valency is
ligand-centered rather than metal-centered.6 Charge is delocalized over all of the ligands, resulting
in three distinct one electron, reversible redox couples, giving the redox series:
Cr(Cl4SQ)3
+e−−−−⇀↽ − [Cr(Cl4Cat)(Cl4SQ)2]−
+e−−−−⇀↽ − [Cr(Cl4Cat)2(Cl4SQ)]2−
+e−−−−⇀↽ − [Cr(Cl4Cat)3]3−
Intermediate mixed-charge members of this series have been characterized by Chang and
Kitagawa, confirming the mixed-charge state of the ligands in the -1 and -2 complexes.42,60–62
This is in agreement with the SQ radical spectra obtained by EPR characterization on members
of the series with charges of +1 and 1 (although EPR characterization of +1 complexes were not
6Figure 1.3: Cyclic voltammograms for Cr(O2C6H2(t−Bu)2)3, Cr(phen)3, and Cr(O2C6Cl4)3. All
solutions were approximately 0.1 mM in complex except for Cr(phen)3 which was approximately
0.05 mM. Reprinted with permission. Copyright 1979 American Chemical Society.58
Figure 1.4: Cyclic voltammogram for (Ph4P)2[V
IV(Cl4SQ)(Cl4Cat)2] in dichloromethane/0.1M
(Bu4N)(PF6) at 100 mV/s. Adapted with permission. Copyright 2011 American Chemical Soci-
ety.59
7performed on tris-tetrachloroquinone complexes), and with theoretical formulations for members
of the redox series calculated by Gordon and Fenske, who also did theoretical formulations for the
vanadium analog.47,63
This thesis aims to complete the electrochemical characterization of the tris(tetrachloro-1,2-
quinone)/first-row transition metal series by synthesizing and characterizing the manganese, iron,
and cobalt analogs. (While quinone complexes of titanium have been reported, they are either
with large tridentate ligands or are polymers.49,64,65) The manganese complex has previously been
synthesized as (Bu4N)2[Mn(Cl4Cat)3] and characterized via spectroscopy and X-ray crystallogra-
phy.32,38,46 Here, a synthetic method is presented using Pr4N
+ as the counter-ion, which was
confirmed as (Pr4N)2[Mn(Cl4Cat)3] via spectroscopic analysis. The electrochemical behavior of
the manganese complex is unclear, as the manganese center may itself be redox active and undergo
valence tautomerism.
The iron analog was synthesized as both neutral (Fe(Cl4SQ)3) and trianion ([Fe(Cl4Cat)3]
3–)
redox isomers, both of which were characterized with spectroscopy and X-ray crystallography,
as well as Mo¨ssbauer spectroscopy. X-ray crystallization of the trianion complex synthesized as
(Bu4N)3[Fe(Cl4Cat)3] presented some challenges, due to disorder in the Bu4N
+ counter-ion, but a
synthesis with cobaltocenium as reducing agent and counter-ion, yielding (CoCp2)3[Fe(Cl4Cat)3],
gave a precise crystal structure. The iron complex shows unique electrochemical properties by
showing clear one-electron oxidations in cyclic voltammetry, similar to the chromium, but indistinct
reductions except at very slow scan rates, less than 10 mV/s. The dependence of the reduction
peaks on scan rate is unexpected, especially when compared to the vanadium and cobalt analogs.
This has been investigated using differential pulse voltammetry.
The cobalt analog, [Co(Cl4Cat)2(Cl4SQ)]
2–, has been synthesized using either Pr4N
+ or
Ph4P
+ as counter-ion, and characterized with spectroscopy and X-ray crystallography. It is synthe-
sized as a mixed-valence complex, rather than a tris(tetrachlorocatecholato) or tris(tetrachlorosemi-
quinonato) complex, which makes the X-ray crystallography challenging, as its mixed-valence prop-
erties introduce disorder into the crystal structure. Its electrochemical properties are similar in
8some ways to the manganese and iron analogs, although it exhibits closely-overlapping, reversible,
one-electron couples.
Electrochemical characterization of the complexes was performed using cyclic voltammetry
and differential pulse voltammetry. Cyclic voltammetry investigated redox activity at the metal
and ligands, while differential pulse voltammetry clarified the electron stoichiometry of the couples.
Also of interest is the comproportionation constant, Kcom, which describes the equilibrium Ox +
Red2 −−⇀↽− 2Red1 for species with more than two oxidation states. Kcom is expressed by:
Kcom = exp
(
n1 · n2 ·∆E◦ · F
R · T
)
Kcom allows assignment of Robin and Day classification by describing communication between
redox centers.6,15 For a Class I species, Kcom < 4, and for Class III Kcom > 10
6. Class II species
have intermediate values. However, it is accepted that for Kcom < 10
2 the compound is Class I, for
102 < Kcom < 10
6 the compound is Class II, and for Kcom > 10
6 the compound is Class III.
Cyclic voltammetry (CV) is a very common electrochemical characterization technique.
The cyclic voltammogram can provide much useful information about the redox properties of an
analyte, especially its reversibility. An electrode reaction is considered reversible when the ratio
between the reverse peak current and the forward peak, ipr/ipf , is constant at different scan rates
and equal to one15,66 although this is somewhat complicated because the reverse peak’s amplitude
must be corrected to a baseline, due to capacitive currents. In addition, the ratio between the cur-
rent of the forward peak and the square root of the scan rate, ipf/v
1/2, is constant for a reversible
process. In terms of potential, the potential of the forward peak should also be constant with scan
rate, and the peak-to-peak separation should be approximately 59/n at 25 ◦C (from the relation-
ship ∆Ep =
2.3·R·T
n·F ). However, peak-to-peak separation can be affected by solution resistances and
scan rates, so some variation from this does not necessarily mean the process isn’t reversible. It is
generally assumed that the diffusion coefficients of the reduced and oxidized species are approxi-
mately equal, so that the E◦ of the redox couple is equal to E1/2, the potential halfway between
the forward and reverse peaks.
9When muliple electrons may be involved, cyclic voltammetry becomes more difficult as a
diagnostic tool. For the couples here that are clearly observed and reversible, the challenge has
been to determine how many electrons are involved stoichiometrically. One possible method is
the addition of a known amount of ferrocene to the solution. However, direct comparison of peak
currents has several complications. The capacitive current, which shifts the effective baseline from
zero amperes, can make it difficult to determine what the peak current is in subsequential couples,
especially if they are closely spaced. Further, from Fick’s second law, one can derive that the
maximum current for a planar electrode is:15,66
ip = 0.4463 ·A · C∗ox ·
n3 · F 3 ·Dox · v√
R · T
Or at 25 ◦C:
ip = 2.69 · 105 · n3/2 ·A ·D1/2ox · C∗ox · v1/2
A = area of the working electrode (cm2), Dox = diffusion coefficient of the oxidized species
(cm2/s), C∗ox = bulk concentration of the oxidized species (mol/cm3), v = scan rate (V/s), R =
universal gas constant, F = Faraday’s constant, and n = electron stoichiometry.
This equation, known as the Randles-Sevcik equation, shows that the peak current not only
depends on the bulk concentration of the oxidized species, C∗ox, but also on the diffusion coefficient of
the oxidized species, Dox, and the number of electrons transferred, n. While n and Dox are known
for ferrocene (n = 1 and Dred = 4.4 · 10−6 cm2s in DMSO),67 Dox is unknown for the complex,
which means that with two unknown variables it is difficult to discern whether an increase in ip is
due to number of electrons transferred or diffusivity. However, it’s reasonable to assume that the
complexes will have lower diffusivity than ferrocene, because of the higher molar mass and larger
size. As the peak current and the square root of the diffusion coefficient are directly proportional,
one would expect that a decrease in diffusion coefficient would result in a decrease in peak current
if the number of electrons transferred is the same. A rough estimate of the diffusion coefficient
can be made using cyclic voltammetry, if the ratio ipf/v
1/2 is constant. Substituting n=1, 2, or
3 will give diffusion coefficients for each of those electron stoichiometries, which can then be more
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reasonably compared to ferrocene.
Another complication with using ferrocene is that there can be interactions between the
cyclopentadienyl rings and the quinone rings of the complex. As will be shown, this is relevant
for the iron and manganese complexes, but not the cobalt complex, and depends on the Eo of the
couples.
Differential pulse voltammetry (DPV) is traditionally used with a dropping mercury
electrode, although here it was performed using the same setup as cyclic voltammetry, with a sta-
tionary vitreous carbon working electrode. This technique superimposes small, constant-potential
pulses over a staircase potential waveform. The differential current is measured from the difference
between the end of the pulse width and the end of the pulse period. Differential pulse voltamme-
try is useful mainly in separating closely-overlapped couples, although it can also be used to help
determine the number of electrons in a couple from the relationship between FWHM of the peak,
∆Ep/2, and the number of electrons transferred:
15,66
∆Ep/2 = 3.53
R · T
n · F
Or at 25 ◦C:
∆Ep/2 =
90.5
n
(mV)
Differential pulse voltammetry also allows a more precise determination of E1/2, from the
relationship Emax = E1/2− Epulse2 . Generally it is also used at slower effective scan rates than cyclic
voltammetry, at effective rates of 20 mV/s or less, which was especially convenient for analysis of
the iron complex.
These syntheses and techniques complete the electrochemical characterization of the first row
transition metal/tris-tetrachloroquinone complexes. Their similarities and differences are discussed,
and their redox potentials and properties are determined.
Chapter 2
Experimental Section
2.1 Instrumentation and Methods
2.1.1 Cyclic Voltammetry and Differential Pulse Voltammetry
Cyclic voltammograms and differential pulse voltammograms were obtained with a Bioan-
alytical Systems Inc. (BASi) Epsilon potentiostat and the C3 cell stand apparatus coupled with
the BASi Epsilon instrument interface software package. Cyclic voltammograms were performed in
dimethylsulfoxide (DMSO) and methanol (MeOH). Both cyclic voltammetry and differential pulse
voltammetry were run using a three electrode configuration in a 30 mL glass cell. The reference
electrode for DMSO was an Ag/Ag+ electrode consisting of a silver wire in a 0.01 M solution of
AgNO3 in MeCN (approximately +0.54 V vs NHE), separated from solution by a Vycor frit. The
reference electrode for MeOH was Ag/AgCl/Saturated KCl (approximately +0.197 V vs NHE),
separated from solution by a Vycor frit. The ferrocene/ferrocenium couple (FeCp2/FeCp2
+) was
used as the internal standard, and is +0.91 V in DMSO vs Ag/Ag+ and +0.447 V in MeOH vs
Ag/AgCl. Potentials are reported vs FeCp2/FeCp2
+. For all solvents, the working electrode was
a 3 mm diameter vitreous carbon electrode, and the auxiliary electrode was a 1.6 cm platinum
wire. Electrolytes used were 0.1 M tetrabutylammonium hexafluorophosphate ((Bu4N)(PF6)) for
DMSO, and 0.1 M NaCl for MeOH. Electrodes were cleaned by rinsing with acetone or nitric acid,
and periodically polished.68
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2.1.2 Fourier Transform Infrared Spectroscopy
A Thermo Scientific Nicolet Avatar 360 FT-IR spectrometer was used to collect spectra in
the 400 cm-1 to 4000cm-1 range. Spectra measurements were taken under a constant flow of N2 in
the sample chamber. Samples were prepared as KBr pellets using a hand press and mortar and
pestle.
2.1.3 UV-Vis Spectroscopy
UV-Vis spectroscopy was performed on an Agilent 8435 UV-Vis spectrophotometer equipped
with one tungsten and one deuterium lamp, using a quartz cuvette with one centimeter path length.
2.1.4 Near-IR Spectroscopy
NIR spectroscopy was performed on two instruments. Data for iron complexes was collected
on a Perkin Elmer Lambda 9 UV/VIS/NIR spectrophotometer. Data for cobalt and manganese
complexes was collected on a Varian Cary 5000 UV-Vis-IR spectrophotometer. Solid state samples
were prepared as KBr pellets using a hand press and mortar and pestle, solvent samples used a
1 cm path length quartz cuvette.
2.1.5 Nuclear Magnetic Resonance Spectroscopy
31P NMR spectra were obtained on a Bruker AV-III 300 MHz NMR spectrometer for triph-
enylphosphine oxide (TPPO) experiments. Measurements were performed in deuterated chloro-
form using the deuterium lock as an internal reference. Evans method magnetic measurements
for (Bu4N)3[Fe(Cl4Cat)3] were performed using
1H NMR on the same instrument at 400 MHz in
both acetonitrile and methanol. Due to lack of a deuterated internal reference, the instrument was
manually shimmed.
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2.1.6 Magnetic Susceptibility
Temperature dependent magnetic susceptibility measurements on iron-centered complexes
were carried out by Dr. Karl Wieghardt at the Max Planck Institute of Bioinorganic Chemistry.
Magnetic susceptibility data were measured on powder samples in the temperature range 2-300 K
by using a SQUID susceptometer with a field strength of 1.0 T (MPMS-7, Quantum Design,
calibrated with standard palladium reference sample, error <2%). The experimental data were
corrected for diamagnetism by use of tabulated Pascals constant,69 as well as for temperature-
independent paramagnetism. Evans method susceptibility measurements using NMR spectroscopy
were described in the NMR section.
Magnetic susceptibility measurements for cobalt- and manganese-centered complexes were
made on an Johnson Matthey Magnetic Susceptibility Balance (Model MK1, C=1.094)
2.1.7 Mo¨ssbauer Spectroscopy
High magnetic field Mo¨ssbauer data were recorded by Dr. Karl Wieghardt at the Max Planck
Institute of Bioinorganic Chemistry on a spectrophotometer with alternating constant acceleration.
The minimum experimental line width was 0.24 mms-1 (full width at half-height). The sample
temperature was maintained constant with either an Oxford Instruments Variox or an Oxford
Instruments Mossbauer-Spectromag cryostat. The 57Co/Rh source (1.8 GBq) was positioned at
room temperature inside the gap of the magnet system at a zero-field position. Measurements were
recorded at an external field strength of 4 T. Isomer shifts are quoted relative to iron metal at
300K. Spectra were simulated with the program MX. The hyperfine interactions for the 57Fe were
calculated using the nuclear Hamiltonian.70
2.2 Reagents and Solvents
Reagents and solvents were used as purchased except as noted. Brackets indicate abbrevia-
tions used in text.
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Acetone - Fisher Scientific
Acetonitrile [MeCN] - Sigma-Aldrich
Cobalt(II) acetate tetrahydrate - General Chemical Company
Cobaltocene - Acros Organics
Dichloromethane [DCM] - Fisher Scientific
Diethyl ether - Fisher Scientific
Dimethyl sulfoxide [DMSO] - Sigma-Aldrich
Ethanol [EtOH] - Pharmco-Aaper
Ferrocene [FeCp2] was prepared by reaction of sodium cyclopentadienide (Aldrich) with iron(II)
chloride tetrahydrate (Sigma-Aldrich)
Iron(III) nitrate nonahydrate - J. T. Baker Chemical Co.
Iron(0) pentacarbonyl - Aldrich Chemical Co.
Magnesium sulfate anhydrous - Mallinckrodt
Manganese(II) chloride tetrahydrate - Aldrich Chemical Co.
Methanol [MeOH] - Honeywell
Potassium bromide [KBr] - Aldrich Chemical Co.
Potassium hydroxide [KOH] - Sigma-Aldrich
Tetrabutylammonium hexafluorophosphate [(Bu4N)(PF6)] - Fluka Analytical
Tetrabutylammonium hydroxide [Bu4NOH] - Sigma-Aldrich
Tetrachloro-1,2-benzoquinone [Cl4BQ] - Aldrich Chemical Co
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Tetrachlorocatechol monohydrate [Cl4CatH2 · H2O] was prepared by chlorination of catechol
in glacial acetic acid, then recrystallized from water and ethanol.71
Tetraphenylphosphonium bromide [Ph4PBr] - Aldrich Chemical Co.
Tetrapropylammonium bromide [Pr4NBr] - Aldrich Chemical Co.
Toluene - Sigma-Aldrich
Triethylamine - Sigma-Aldrich
Triphenylphosphine oxide [TPPO] - Aldrich Chemical Co.
2.3 Preparation of complexes
2.3.1 Preparation of Bis(tetrachlorocatecholato)tetrachloro-1,2-semiquinonato-
cobalt(III) Dianion
(Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] (F.W. 1169.27 g/mol) Tetrachlorocatechol monohy-
drate (0.80 g, 3.0 mmol) was dissolved in 50 mL of acetone with cobalt(II) acetate tetrahydrate
(0.25 g, 1.0 mmol) in a round bottom flask, stirred, and bubbled with nitrogen for approximately
15 minutes. Under nitrogen atmosphere, 6 mmol of KOH was delivered via syringe (1.3 mL of
4.5 M aqueous solution). The reaction immediately darkened upon addition of KOH. This was left
to stir overnight, sealed. The next day, Pr4NBr was added (0.53 g, 2.0 mmol), and the solution
was stirred until it fully dissolved. This solution was poured into a beaker to air-dry, yielding small
brown crystals.
(Ph4P)2[Co(Cl4Cat)2(Cl4SQ)] (F.W. 1475.36 g/mol) Tetrachlorocatechol monohy-
drate (0.80 g, 3.0 mmol) was dissolved in 50 mL of acetone with cobalt(II) acetate tetrahydrate
(0.25 g, 1.0 mmol) in a round bottom flask, stirred, and bubbled with nitrogen for approximately
15 minutes. Under nitrogen atmosphere, 6 mmol of KOH was delivered via syringe (1.3 mL of
4.5 M aqueous solution). The reaction immediately darkened upon addition of KOH. This was left
to stir overnight, sealed. The next day, Ph4PBr was added (0.84 g, 2.0 mmol), and the solution
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was stirred until it fully dissolved. This solution was poured into a beaker to air-dry, yielding small
greenish/brown crystals.
2.3.2 Preparation of Tris(tetrachlorocatecholato)manganese(IV) Dianion
(Pr4N)2[Mn(Cl4Cat)3] (F.W. 1165.29 g/mol) Tetrachlorocatechol monohydrate (0.80 g,
3.0 mmol) was dissolved in 50 mL of acetone with triethylamine (0.9 mL, 6.0 mmol). Man-
ganese(II)chloride tetrahydrate (0.20 g, 1.0 mmol) was dissolved in another 50 mL of acetone.
These solutions were combined in a round bottom flask, then Pr4NBr (0.53 g, 2.0 mmol) was added.
This solution was bubbled with O2 gas for approximately one hour, then left to stir overnight. The
next day, the solution was poured into a beaker to air-dry, yielding a dark blue product. This was
redissolved in an acetone/toluene mixture and left to dry, yielding dark blue crystals.
2.3.3 Preparation of Tris(tetrachloro-1,2-semiquinonato)iron(III)
Fe(Cl4SQ)3 · C7H8 (F.W. 885.62 g/mol) Toluene solvent was dried with MgSO4,
degassed, and stored under 4A molecular sieves before use. The reaction was performed under inert
atmosphere. Fe(CO)5 (0.92 mL, 7 mmol) was placed in 12 mL toluene. The mixture was slowly
added dropwise to a solution containing tetrachloro-1,2-benzoquinone (5 g, 20 mmol) dissolved in
75 mL toluene. Addition took place over the period of one hour and stirred until all bubbling
ceased. The solution was allowed to cool in an ice bath for 15 min and then was filtered. Solid was
recrystallized in a methylene chloride/toluene solution to give dark green crystals.
2.3.4 Preparation of Tris(tetrachlorocatecholato)iron(III) Trianion
(Bu4N)3[Fe(Cl4Cat)3] (F.W. 1520.89 g/mol) The synthesis was performed under
ambient conditions. Tetrachlorocatechol (3 g, 0.012 mol) was dissolved in 50 mL of methanol and
deprotonated with 24 mL of 0.1 M tetrabutylammonium hydroxide (Bu4N)OH (0.024 mol). The
mixture was added slowly to a solution of Fe(NO3)3 · 9 H2O (1.6 g, 4 mmol) dissolved in 50 mL of
methanol. Slow evaporation of solvent produced red cubic crystals.
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(CoCp2)3[Fe(Cl4Cat)3] (F.W. 1360.48 g/mol) Previously synthesized Fe(Cl4SQ)3
(0.240 g, 0.3 mmol) was dissolved in 30 mL degassed dichloromethane under argon atmosphere.
Cobaltocene (0.153 g, 0.9 mM) was dissolved in 90 mL dichloromethane under argon, then added
dropwise to the Fe(Cl4SQ)3 solution with care not to allow any oxygen into the reaction flask. The
solution was allowed to stir overnight while solvent was removed with a steady stream of argon gas.
The resulting solid was re-solvated in acetonitrile and filtered. The red/purple solid was isolated
and recrystallized to give red shaft-like crystals.
Chapter 3
Results and Discussion
3.1 Characterization of Complexes
3.1.1 Preparation of Complexes
3.1.1.1 Synthesis of (Pr4N)2[Mn(Cl4Cat)3]
The manganese analog has been previously synthesized and characterized,32,46 although these
syntheses used Bu4N
+ as a counter-ion, so most characterization here was done to confirm suc-
cessful synthesis. Unlike the synthesis methods used by Sheriff46 and Ruiz,32 where Bu4NOH was
the source of both the counter-ion and the base to deprotonate the catechol, this synthesis used
Pr4NBr as counter-ion and triethylamine as deprotonation agent. The main reason for this was
that using Bu4NOH gave a very wet, gooey product that was difficult to isolate, while using acetone
and triethylamine gave a dark blue product that was easy to recrystallize directly from acetone and
toluene. Using triethylamine and Pr4NBr accomplishes the same effect as Bu4NOH, which is to pre-
vent dechlorination and polymerization reactions with the tetrachlorocatechol.38,40,72,73 Another
difference was bubbling the solution with O2 gas, to accelerate the oxidation of the manganese,
instead of stirring under reflux.
3.1.1.2 Synthesis of Iron Complexes
Fe(Cl4SQ)3 The neutral iron complex was synthesized under inert atmosphere due to the
air sensitivity and volatility of Fe(CO)5, which has a flash point of −15 ◦C. The Fe(0) is oxidized by
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the tetrachloro-1,2-benzoquinone, which is itself reduced to a semiquinone. This reaction is fairly
rapid, so the reagents were added dropwise to avoid bubbling over as CO gas was released.
(Bu4N)3[Fe(Cl4Cat)3] and (CoCp2)3[Fe(Cl4Cat)3] The trianion iron complex was
synthesized a few different ways. (Bu4N)3[Fe(Cl4Cat)3] used iron(III) nitrate in the synthesis, so the
iron was already in the desired oxidation state. Chelation of the tetrachlorocatechol only required
that the catechol be deprotonated, which was accomplished with a base that then also provided
the source of counter-ion (Bu4NOH). The other synthetic method was reduction of Fe(Cl4SQ)3 by
cobaltocene, a strong organometallic reducing agent. This was performed under inert atmosphere
due to the air sensitivity of both Fe(Cl4SQ)3 and cobaltocene. Oxidized cobaltocenium (CoCp2
+)
was then incorporated into the crystal lattice as the counter-ion for [Fe(Cl4Cat)3]
3–
3.1.1.3 Synthesis of [Co(Cl4SQ)(Cl4Cat)2]
2–
The synthesis of [Co(Cl4SQ)(Cl4Cat)2]
2– has slower kinetics than either the iron- or manganese-
complex synthesis - it takes more time for the tetrachlorocatechol to chelate to the cobalt. One
problem with the synthesis is that adding any bromide-containing counter-ion too early will yield
nothing but cobalt bromide, which reacts with Co2+ in solution and immediately precipitates out.
Another important aspect of the synthesis is the need for a mostly-nitrogen atmosphere, but not
entirely nitrogen. Because KOH is used as the base to deprotonate the catechol, deprotonation is
very rapid. However, chelation to the cobalt is much slower, due to coordination of the catecholate
with K+.32 If too much oxygen is present, a side reaction with the deprotonated catechol can occur
to form chloranilic acid72,73 and, interestingly, if KOH is not added promptly (within approximately
10-15 minutes) CoCl2 will form, as even weak bases (here, the acetate from cobalt (II) acetate) can
cause dechlorination of the catechol. This is not a problem observed with either the manganese
or iron syntheses, as the chelation is fast enough to stabilize the catechol before undesired side
products are formed. However, attempting the synthesis using a bubbler was unsuccessful, because
some oxygen is needed to oxidize the Co2+ to Co3+. Instead, flushing the solution with nitrogen
and injecting KOH under nitrogen atmosphere, then leaving it to react overnight while still sealed,
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allowed the trace oxygen necessary to oxidize the cobalt without dechlorinating the tetrachloro-
catechol before it could chelate. After leaving the reaction enough time to go to completion, the
counter-ion could safely be added without forming CoBr2.
Attempts to synthesize (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)]with triethylamine as the base, as was
done with manganese, did appear to yield the desired complex, but syntheses were extremely
difficult to crystallize and the synthesis with KOH was deemed prefereable. All data analyzed here
was done on the KOH synthesis. Synthesis was also attemped without adding more counter-ion,
as in the K3[Fe(Cl4Cat)3]synthesis, but the product was amorphous and not deemed suitable for
analysis. Similarly, an attempt was made to reduce [Co(Cl4Cat)2(Cl4SQ)]
2–to [Co(Cl4Cat)3]
3–using
cobaltocene, as was done with the iron. While a color change was observed as yellow cobaltocenium
appeared, no characterizable product of [Co(Cl4Cat)3]
3–could be isolated.
3.1.2 X-Ray Crystallography
3.1.2.1 Crystal Structure of [Mn(Cl4Cat)3]
2–
The manganese complex has been well characterized by others, so X-Ray crystallography was
not performed on the manganese complex synthesized here. Crystallography performed by Ruiz32
is duplicated here with permission for comparison to the iron and cobalt complexes (Figure 3.1
and Table 3.1). The Mn-O bond lengths are all very similar, averaging 1.88A˚, confirming that all
ligands have the same oxidation state, and are consistent with other characterized MnIV catecholate
complexes.33,44 The geometry around the Mn center is trigonally-distorted octahedral, due to the
constraints of the five-membered ring’s bite distance (average bite angle 85.6◦.
3.1.2.2 Crystal Structure of Iron Complexes
X-Ray crystallography performed on Fe(Cl4SQ)3 (Figure 3.2), (CoCp2)3[Fe(Cl4Cat)3](Figure 3.3,
and (Bu4N)3[Fe(Cl4Cat)3] confirms three bidentate ligands surrounding the iron center in a trigonally-
distorted octahedral geometry with D3 symmetry. In the structure for (CoCp2)3[Fe(Cl4Cat)3], the
cobaltocenium counter-ions participate in pi-stacking on the catecholate ligands.
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Figure 3.1: X-Ray structure of [Mn(Cl4Cat)3]
2–, ellipsoids drawn at 30% probability level. Counter-
ion (not pictured) is Ph4P
+. Reprinted from Ruiz et al.32 with permission from Elsevier.
Table 3.1: Selected bond lengths and angles of (Ph4P)2[Mn(Cl4Cat)3].
32 symmetry code: I =
x, y,−z + 1/2
Bond Lengths (A˚) Bond Angles (deg)
Mn(1)–O(11) 1.892(6) O(11)–Mn(1)–O(12) 85.6(2)
Mn(1)–O(12) 1.885(5) O(11)–Mn(1)–O(21) 90.8(2)
Mn(1)–O(21) 1.877(6) O(11)–Mn(1)–O(11I) 92.9(4)
O(11)–Mn(1)–O(12I) 90.8(2)
O(11)–Mn(1)–O(21I) 175.1(3)
O(12)–Mn(1)–O(21) 92.7(2)
O(12)–Mn(1)–O(12I) 174.8(3)
O(12)–Mn(1)–O(21I) 91.2(2)
O(21)–Mn(1)–O(21I) 85.7(3)
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Figure 3.2: X-Ray structure of Fe(Cl4SQ)3, solvent molecules omitted for clarity. Ellipsoids drawn
at 50% probability level.
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Figure 3.3: X-Ray structure of (CoCp2)3[Fe(Cl4Cat)3], ellipsoids drawn at 30% probability level.
A third CoCp2
+ counter-ion has been omitted, it occupies an interstitial site.
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The difference in charge between the semiquinone and catechol ligands is reflected in a change
in average C-O bond lengths of the complexes. Typical bond lengths for semiquinone complexes
are approximately 1.29 A˚, while bond lengths for catechol are longer at 1.34 A˚.57 The neutral
complex exhibits average bond lengths typical for semiquinonate complexes previously reported.
However, the trianion complexes exhibit C-O bond lengths of 1.307 A˚ and 1.313 A˚, which, while still
longer than the semiquinone C-O bond lengths, are shorter than previously reported for catecholate
ligands. An explanation for the C-O bond shortening can be found in the lengthening of the C-Cl
bonds, which are 1.736 A˚ and 1.735 A˚ in the catecholate and only 1.709 A˚ in the semiquinonate. (See
Table 3.2) This suggests that electron density is delocalized over the C-Cl bonds in the catecholate
ligands, resulting in a shortening of the C-O bonds.
Table 3.2: Average bond lengths (A˚) for iron tetrachloroquinone complexes
Fe(Cl4SQ)3 · C7H8 (Bu4N)4[Fe(Cl4Cat)3](NO3) · 3 C7H8
Fe–O 2.019(2) 2.017(4)
C1–O 1.275(3) 1.307(6)
C1–C2 1.461(3) 1.431(8)
C2–C3 1.420(3) 1.390(8)
C3–C4 1.372(3) 1.406(9)
C4–C5 1.439(3) 1.377(10)
C–Cl 1.709(2) 1.736(7)
(CoCp2)3[Fe(Cl4Cat)3] · 2 C7H8 aK3[Fe(Cat)3] · 1.5 H2O
Fe–O 2.029(1) 2.015(6)
C1–O 1.313(2) 1.349(3)
C1–C2 1.433(2) 1.409(6)
C2–C3 1.393(2) 1.383(2)
C3–C4 1.404(3) 1.385(4)
C4–C5 1.380(3) 1.350(9)
C–Cl 1.735(2) n/a
a Raymond 197630
3.1.2.3 Crystal Structure of [Co(Cl4SQ)(Cl4Cat)2]
2–
The cobalt-centered complex was synthesized as a dianion, [Co(Cl4SQ)(Cl4Cat)2]
2–, with
two different counter-ions for characterization, Pr4N
+ and Ph4P
+. X-ray crystallography was
performed on both complexes, however, due to the mixed-charge ligands, resolving the crystal
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structure is quite difficult.7–9,17 Because there is electron transfer between ligands, there is dis-
order present in the counter-ions. In an attempt to ameliorate this, the complex was synthe-
sized with the large, relatively inflexible Ph4P
+ as the counter-ion. In the X-ray structure of
(Ph4P)2[Co(Cl4Cat)2(Cl4SQ)] (Figure 3.4), the disorder can be seen in the flexing of what should
be rigid phenyl rings, as well as two extra oxygen atoms near the cobalt center. In constrast, the
X-ray structure of (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] shows far more disorder in the Pr4N
+ counter
ion, with its flexible propyl groups, as well as some solvent molecule disorder. The presence of two
counter ions per unit, however, illustrates that the complex synthesized is the dianion, with one
ligand in the radical semiquinone oxidation state.
In Figure 3.5 the counter-ions have been omitted for clarity. Here the octahedral structure of
the complex is clearer. However, because the charge can move between ligands, the bond lengths
are not truly consistent with either catechol or semiquinone ligands (see Table 3.3).
Table 3.3: Selected bond lengths and angles of (Ph4P)2[Co(Cl4SQ)(Cl4Cat)2]
Bond Lengths (A˚) Bond Angles (deg)
Co–O1 1.903 O1–Co–O2 87.38
Co–O2 1.860 O2–Co–O3 90.98
Co–O3 1.897 O3–Co–O4 86.63
Co–O4 1.884 O4–Co–O5 89.87
Co–O5 1.889 O5–Co–O6 89.05
Co–O6 1.835 O6–Co–O1 177.14
Cl1–C3 1.758 O2–Co–O4 176.47
Cl2–C4 1.777 O3–Co–O5 175.62
Cl3–C5 1.682
Cl4–C6 1.706
Cl5–C9 1.597
Cl6–C10 1.800
Cl7–C11 1.829
Cl8–C12 1.722
Cl9–C15 1.796
Cl10–C16 1.796
Cl11–C17 1.753
Cl12–C18 1.755
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Figure 3.4: X-Ray structure of (Ph4P)2[Co(Cl4SQ)(Cl4Cat)2]. Note two extra oxygen atoms (O7,
O8) near cobalt center.
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Figure 3.5: X-Ray structure of (Ph4P)2[Co(Cl4SQ)(Cl4Cat)2], counter-ion and extra oxygens omit-
ted for clarity
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3.1.3 Magnetic Properties
3.1.3.1 Magnetic Characterization of (Pr4N)2[Mn(Cl4Cat)3]
Magnetic susceptibility measurements on (Pr4N)2[Mn(Cl4Cat)3] give S =
3
2 , as expected for
MnIV with three catecholate ligands. Magnetic susceptibility measurements giving the same spin
have previously been performed on (Bu4N)2[Mn(Cl4Cat)3] by Sheriff.
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3.1.3.2 Magnetic Characterization of the Iron Complex Redox Series
Magnetic susceptibility measurements were obtained via the Evans method using both methanol
and acetonitrile in order to identify a change in the iron oxidation state in response to solvent po-
larity.74,75 From the relative frequency shift ∆v/v = vsolvent − (vsolvent+complex) produced by the
paramagnetic metal complex, the number of unpaired electrons can be calculated using this formula,
where MW is in kg/mol and m is in kg/m3:
µ = 798
√(−3∆v
vm
+ χmass,0
)
·MW
With a ∆v of 13.6 Hz in methanol and 12.8 Hz in acetonitrile, v = 400 Hz, and using the relationship
µeff = g(S(S + 1))
1
2 where g = 2.0023, this method gives an iron oxidation state of 3+, with an
S = 52 for [Fe(Cl4Cat)3]
3–, indicating that the oxidation state of the metal is independent of solvent
polarity.
Further magnetic susceptibility and high-field Mo¨ssbauer data on (Bu4N)3[Fe(Cl4Cat)3] con-
firms that the metal is high spin iron(III) (Figure 3.6)43,76,77 .
3.1.3.3 Magnetic Characterization of (Ph4P)2[Co(Cl4Cat)2(Cl4SQ)]
Magnetic susceptibility measurements of (Ph4P)2[Co(Cl4Cat)2(Cl4SQ)] confirm that the com-
plex has spin S=1/2, which is consistent with low-spin CoIII with one semiquinone ligand.
The EPR spectrum of the cobalt complex is interesting because of the lack of Co hyperfine
coupling. An unpaired electron would normally be expected to interact with the cobalt’s nuclear
spin ( I = 72 for
59Co), but no splitting is observed (Figure 3.7). In order for the hyperfine splitting
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Figure 3.6: High field Mo¨ssbauer spectrum on (Bu4N)3[Fe(Cl4Cat)3] recorded at a field strength
of 4 T at a temperature of 4.2 K. The spectrum shows the six lines associated with hs-Fe3+ with
additional lines at −2 and +3 mm/s associated with the | ±3/2 > Kramers doublet. The red line is
a simulation with S = 5/2, D= -0.2 cm-1, E/D = 0.33, g = 2, δ = 0.52 mm/s, ∆EQ = 0.75 mm/s,
η = 1, A/gNβN = −21.8 T.
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not to appear, the electron transfer reaction between the semiquinone and catechol ligands must
happen on the EPR timescale, on the order of 10−9 seconds. This indicates the coupling between
ligands is very weak.
Figure 3.7: Electron Paramagnetic Resonance of (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)]
3.1.4 Spectroscopy
3.1.4.1 Spectroscopy of (Pr4N)2[Mn(Cl4Cat)3]
UV-Visible spectroscopy in MeCN confirmed that the tris-catecholate complex had been
synthesized successfully (Figure 3.8) The characteristic λmax at 615 nm with shoulders at 700 nm
and 425 nm in MeCN were all observed, matching UV-Vis spectra taken by Sheriff.46 These can
be assigned to LMCTs, which are typical of high-valent MnIV catecholate species.18–20,33,35,44,56
Absorbances farther into the UV at 310 nm and 220 nm belong to catechol, which has molar
absorptivity in the tens of thousands.
FTIR data also correlates with previous literature, with catecholate C-O stretch at 1440 cm-1
and C-Cl stretch at 800 cm-1.
3.1.4.2 Spectroscopy of the Iron Complexes
Spectral characterization of the different iron complexes show clear differences between the
neutral and trianion species. This allows a way to easily identify different redox states of the
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Figure 3.8: UV-Visible spectrum of (Pr4N)2[Mn(Cl4Cat)3], 0.0001 M in MeCN
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complex. The main features are LMCT in the visible region.
Electronic spectra for Fe(Cl4SQ)3 consist of a single transition in the visible region, which
has a slight solvatochromic dependence, shifting from λmax = 415 nm in THF to 460 nm in CH2Cl2
(ε = 4.5 ·103M−1cm−1). This shift to a lower energy for more polar solvents is typical for a LMCT
band.
Electronic spectra for [Fe(Cl4Cat)3]
3– show greater solvent dependence than Fe(Cl4SQ)3.
Spectra in aprotic solvents show an intense band at 490 nm (ε = 6.5 · 103M−1cm−1), which is
similar to the [Fe(Cat)3]
3– anion.78 In protic solvents the solution is purple, and the transition shifts
to 580 nm and broadens. Spectra were recorded in MeCN and EtOH, with varying MeCN:EtOH
ratios (Figure 3.10). The shift of λmax from 490 nm to 580 nm is apparent as percent EtOH
increases, with an isosbestic point at 575 nm. This implies that the electronic structure of the
complex varies depending on whether it is in a protic or aprotic solvent, as MeCN and EtOH have
similar polarities. The solvent dependent change in electronic structure could be due to a change
in spin state at the metal (spin-crossover) or due to a shift in charge distribution by forming the
iron(II) redox isomer [FeII(Cl4SQ)(Cl4Cat)2]
3–.22,79 Either of these would result in a change in
magnetic moment, but solvent-dependent magnetic moment measurements showed values typical
for hs-FeIII (Section 3.1.3.2). From this, it is most likely that the ground state electronic structure
is unperturbed, but the excited state electronic structure is solvent-dependent.
3.1.4.3 Spectroscopy of (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)]
The most prominent feature of the electronic absorption spectrum is the peak at 635 nm, with
molar absorptivity of 400 M-1 cm -1, as well as a shoulder at 440 nm (ε 1150 M-1 cm -1). Farther
into the UV is intense absorption by the catechol ligands, whose molar absorptivity is typically in
the tens of thousands. As the instrument only records absorbance up to 4 (0.01% transmittance)
the molar absorptivity of the catechol is not clear here.
Near-infrared spectra taken in the solid state with a KBr pellet shows a very weak, broad
intervalence charge transfer band at approximately 1400 nm. Again, this is consistent with weakly
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Figure 3.9: UV-Visible spectrum of [Fe(Cl4Cat)3]
3–, [Fe(Cl4Cat)2(Cl4SQ)]
2–, and Fe(Cl4SQ)3 in
MeCN. The spectrum of [Fe(Cl4Cat)(Cl4SQ)2]
– is similar to Fe(Cl4SQ)3 in the visible region.
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Figure 3.10: UV-Visible spectrum of [Fe(Cl4Cat)3]
3– in MeCN, MeOH, and solutions of varying
MeCN:MeOH ratios.
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Figure 3.11: UV-Visible spectrum of (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)], 0.001 M in MeCN
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coupled mixed-charge ligands of a Class II species.7 Peaks in the visible region of the spectrum are
still visible at 645 nm and 450 nm (sh) (Figure 3.12) The small shift in λmax from the UV-Visible
spectrum is most likely due to solvent effects.
Fourier-transform IR spectroscopy was performed on both (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] and
(Ph4P)2[Co(Cl4Cat)2(Cl4SQ)] so that counter-ion contributions could be identified. The peaks
associated with the cobalt complex itself were identified at 1445 cm-1(C-O stretch), and 800 cm-1(C-
Cl stretch). The C-O stretch at 1445 cm-1is actually the overlap of the C-O stretches of semiquinone
and catechol, seen as a shoulder at 1482 cm-1and broadening of the main peak.
This is more obvious when the FTIR spectra of the cobalt complex and the neutral and
trianion iron complexes are overlaid (Figure 3.13). Iron and cobalt have similar masses (55.8 and
58.9 amu, respectively) so there is not a large difference in the FTIR spectrum from changing the
metal center, although there is slight shifting of the peaks.80 (Bu4N)3[Fe(Cl4Cat)3] has a C-O peak
at approximately 1435 cm-1, while Fe(Cl4SQ)3 has two C-O peaks at 1493 cm
-1and 1460 cm-1. These
are compared with the (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] spectrum, as the (Ph4P)2[Co(Cl4Cat)2(Cl4SQ)]
spectrum has extra peaks from the Ph4P
+ counter-ion in the fingerprint region. There is also good
agreement with the C-Cl stretch at approximately 800 cm-1.
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Figure 3.12: Near-IR spectrum of (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in KBr pellet from 2200 nm to
200 nm
Figure 3.13: Fingerprint region comparative FTIR spectrum of (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)],
Fe(Cl4SQ)3, and (Bu4N)3[Fe(Cl4Cat)3] from 400-1800 cm
-1
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3.2 Electrochemistry of Complexes
3.2.1 Cyclic Voltammetry of (Pr4N)2[Mn(Cl4Cat)3]
Cyclic voltammetry was performed on (Pr4N)2[Mn(Cl4Cat)3]. The manganese complex has
very different electrochemical behavior than the cobalt or iron complexes, in addition to being
quite different from the chromium and vanadium analogs. This is due to the properties of the
manganese center itself, which is capable of oxidation states from Mn0 to MnVII. For iron and
cobalt, common oxidation states are +2 and +3, which give d6 and d5 iron and d7 and d6
cobalt. One issue with the manganese complex is Jahn-Teller distortion, which affects hs-MnIII
but not MnIV species.81 Previous researchers have posited that the tris-tetrachlorocatecholate
complex must have MnIV in order for the catecholate ligands to be bidentate, as the elonga-
tion of the z-axis in hs-MnIII increases the bite distance.32,46 However, studies of tris(3,6-di-
tert-butyl-catecholato)manganese(IV), as well as other manganese-quinone complexes containing
N-donor ligands, show that MnIV(Cat)3 −−⇀↽− MnIII(Cat)2(SQ) valence tautomerism is possible
without ligand dissociation.17,20,52 Due to antiferromagnetic coupling between the semiquinone
ligands and manganese, these possible redox isomers have the same spin state of S = 3/2, so
they cannot be differentiated using magnetic experiments. Comparison to cyclic voltammetry of
tris(tetrachlorosemiquinonato)chromium(III),58 as well as the iron and cobalt analogs, indicates
that the CV is well within the potential range to oxidize the catecholate ligands, however, the CV
of the manganese complex does not show clear reversible redox couples in DMSO, and only one
reversible couple in MeOH.
Figure 3.14 shows CVs of (Pr4N)2[Mn(Cl4Cat)3] in DMSO at scan rates of 100 mV/s,
25 mV/s, and 10 mV/s. A clear scan rate dependence can be seen, as the reductions appear
as one broad peak at 100 mV/s, which then resolves into two peaks at 10 mV/s (Table 3.4).
Figure 3.15 shows (Pr4N)2[Mn(Cl4Cat)3] CVs by itself and with ferrocene added in DMSO.
Interaction between the manganese complex and the ferrocene is evident, as the main reduction
peak of (Pr4N)2[Mn(Cl4Cat)3] at −161 vs FeCp2/FeCp2+ shifts negative by 130 mV when ferrocene
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Figure 3.14: Cyclic voltammograms of 1 mM (Pr4N)2[Mn(Cl4Cat)3] in DMSO vs FeCp2/FeCp2
+
at 10 mV/s, 25 mV/s, and 100 mV/s.
Table 3.4: Forward (Epf ) and reverse (Epr) peak potentials of (Pr4N)2[Mn(Cl4Cat)3] in DMSO at
scan rates of 100, 25, and 10 mV/s.
Scan Rate Epf (mV) Epr (mV)
100 mV/s −228 −161
+175
25 mV/s −243 −127
+117
10 mV/s −243 −258
+102 −100
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is present. The ferrocene reduction peak is also affected, appearing broader than the oxidation
peak. The first manganese complex oxidation peak at −228 mV is unperturbed, but the second
oxidation peak at 175 mV does not appear when ferrocene is present. Surprisingly, the oxidation
peak at 689 mV also does not appear when ferrocene is present. The large increase in current
for the 689 mV peak, especially at slow scan rates, indicates that it is catalytic. The presence of
ferrocenium (as ferrocene has been oxidized at this potential) blocking this implies that the quinone
rings are involved in the oxidation, and the ferrocenium shifts this potential outside the stable range
of the DMSO/(Bu4N)(PF6).
At slow scan rates in DMSO (Figure 3.16) the main reduction peak resolves into two separate
reduction peaks. In terms of peak-to-peak separation, however, for the more negative ”couple”
∆Ep = 15 mV, and for the more positive ”couple” ∆Ep = 202 mV. These values are both outside
of the reversibility range, although the +102/− 100 mV couple could qualify as quasireversible.
In methanol, the manganese complex exhibits quite different electrochemical behavior (Fig-
ure 3.17). There is still a dependence on scan rate, however, there is also an observable reversible
couple at −154 mV, as well as a quasireversible couple at approximately −20 mV. Due to its
quasireversible nature, the −20 mV couple’s E1/2 and ∆Ep have more of a scan-rate dependence
than the reversible couple (Table 3.5). Figure 3.18 illustrates this reversibility by separating the
overlapping couples, going from −446 mV to −97 mV vs FeCp2/FeCp2+ and returning, which
shows that the first oxidation peak is coupled with the reduction peak. Figure 3.18 also shows
that the quasireversible peaks are coupled, by going to +183 mV vs FeCp2/FeCp2
+, giving two
reduction peaks.
There appears to be another couple at approximately 200 mV, however, the current is less
than for the other two couples. This indicates that the third couple is either very slow kinetically, or
that it is another electroactive species present in solution at a lower concentration. The increased
prominence of this couple at slow scan rates indicates that there is a kinetic factor, however,
experiments in differential pulse voltammetry (Section 3.2.2) indicate that it is another electroactive
species, probably a bis(tetrachlorocatecholato)manganese complex. Synthesis of the bis species
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Figure 3.15: Cyclic voltammograms of (A) 1 mM (Pr4N)2[Mn(Cl4Cat)3] with 0.5 mM ferrocene
and (B) 1 mM (Pr4N)2[Mn(Cl4Cat)3] in DMSO vs FeCp2/FeCp2
+ at 100 mV/s.
Figure 3.16: Cyclic voltammograms of 1 mM (Pr4N)2[Mn(Cl4Cat)3] in DMSO vs FeCp2/FeCp2
+
at 5 mV/s and 10 mV/s.
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has been performed by Sheriff46 in wet ethanol, yielding (Bu4N)[Mn
III(Cl4Cat)2H2OEtOH]. In
this case, a more labile semiquinone ligand could be replaced by methanol. Because this is a
reversible dissociation (Ruiz reports that the tris complex may be formed from oxidation of the
bis complex32) it is not possible to definitively determine whether the 200 mV couple is from
a bis(tetrachlorosemiquinonato) species, or a Mn(Cl4Cat)(Cl4SQ)2 −−⇀↽− [Mn(Cl4SQ)3]+ couple.
However, differential pulse voltammetry, as well as the clear difference in peak current, indicates that
ligand dissociation may occur in MeOH and the quasireversible 200 mV couple may be attributed
to the resulting bis complex.
Table 3.5: Forward (Epf ) and reverse (Epr) peak potentials, peak-to-peak separation (∆Ep), and
couple potentials (E1/2) of (Pr4N)2[Mn(Cl4Cat)3] in MeOH at scan rates of 100, 25, and 10 mV/s.
Scan Rate Epf (mV) Epr (mV) ∆Ep (mV) E1/2 (mV)
100 mV/s −117 −190 73 −154
+120 −120 240 0
+295 +100 195 +198
25 mV/s −120 −190 70 −155
+170 −115 185 −23
+285 +100 185 +193
10 mV/s −120 −175 55 −148
+40 −95 135 −28
+280 +130 150 +205
The solvent dependence is also observed with the cobalt and iron analogs (Sections 3.2.3
and 3.2.5). One feature is that the cyclic voltammogram becomes more compressed in MeOH,
with the two most prominent oxidation/reduction peaks at a maximum difference of 215 mV in
MeOH and 360 mV in DMSO at 10 mV/s (Figure 3.19). This is due in part to the different
diffusivity in the different solvents, but also to interaction of the solvent with the quinone rings.
While MeOH is less polar than DMSO, it is also a protic solvent, which allows interaction with
the chelated oxygens. This affects the electrochemistry by decreasing electron transfer between
ligands, which means that the couple potentials are closer together as the complex becomes more
Class I in nature. Calculations of Kcom for the manganese complex in MeOH at 10 mV/s gives
Kcom = 1.1 · 102 for the −148/− 28 mV couples. In DMSO, the oxidation and reduction peaks are
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Figure 3.17: Cyclic voltammograms of 1 mM (Pr4N)2[Mn(Cl4Cat)3] in MeOH vs FeCp2/FeCp2
+
at 10 mV/s, 25 mV/s, and 100 mV/s.
Figure 3.18: Cyclic voltammograms of 1 mM (Pr4N)2[Mn(Cl4Cat)3] in MeOH vs FeCp2/FeCp2
+
at 10 mV/s.
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not clearly coupled, however, an estimate may be made by assuming that the two oxidation and
two reduction peaks observed at 10 mV/s correspond to two couples, at +1 mV and −250 mV.
From this, Kcom = 1.6 · 104. While the overall electrochemical behavior in DMSO is not as clear as
in MeOH, the effect on comproportionation can be estimated, and the complex behaves more as a
Class I/Class II compound in the protic solvent.
In terms of the redox series, this would correspond to a three-membered redox series observed
in both MeOH and DMSO:
[MnIV(Cl4Cat)3]
2− −−⇀↽− [MnIV(Cl4Cat)2(Cl4SQ)]− −−⇀↽− MnIV(Cl4Cat)(Cl4SQ)2
This assumes, however, that valence tautomerism is not a factor. Another possible redox series
would be:
[MnIII(Cl4Cat)2(Cl4SQ)]
2− −−⇀↽− [MnIII(Cl4Cat)(Cl4SQ)2]− −−⇀↽− MnIII(Cl4SQ)3
It is possible that all six of these redox isomers could exist in solution. Catecholate ligands are
strong pi-donors that may stabilize high-valent MnIV, but a neutral species with three semiquinone
ligands may be more favorable than a neutral species with the mixed-valence combination of one
catechol and two semiquinone ligands.
A final oxidation to [MnIV(Cl4SQ)3]
+ or [MnIII(Cl4BQ)(Cl4SQ)2]
+ is not observed in DMSO.
This supports the assignment of the quasireversible +200 mV couple in MeOH to the formation of
an electrochemically active bis species.
3.2.2 Differential Pulse Voltammetry of [Mn(Cl4Cat)3]
2–
Differential pulse voltammetry on [Mn(Cl4Cat)3]
2– is somewhat illuminating in determining
potentials for the couples. For DMSO, a kinetic aspect is clearly present when comparing DPV,
as seen in Figures 3.20 and 3.21, which have an effective scan rate of 100 mV/s and 3 mV/s,
respectively. As in the CV, the reduction peaks don’t resolve until the effective scan rate is quite
slow, which is similar to the iron complex (Sections 3.2.3 and 3.2.4). In the faster effective scan
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Figure 3.19: Cyclic voltammograms of 1 mM (Pr4N)2[Mn(Cl4Cat)3] in (A) MeOH and (B) DMSO
vs FeCp2/FeCp2
+ at 10 mV/s.
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rate, only one peak appears in the reductive voltammogram (at −95 mV), while at the slower
effective scan rate, two separate reductive peaks appear (at −301 mV and +95 mV). Peak fitting
on the reduction peaks in Figure 3.21, using Igor Pro’s Multipeak fitting 2 package, gives ∆Ep
of 114 mV and 95 mV for the −247 mV peak and +53 mV peak, respectively. From this it’s
reasonable to assume that these peaks each correspond to a one-electron transfer. The −247 mV
peak is also much more prominent in DPV, which implies kinetic limitations in electron transfer.
This is supported by the CV, where the two oxidation and reduction peaks become clear only at
very slow scan rates. Oddly, the oxidation peaks appear of equal magnitude at an effective scan
rate of 100 mV/s, while at the slower effective scan rate of 3 mV/s the initial peak is much more
prominent. Similarly, at the reductive peak at +53 mV is less in magnitude than the −247 mV peak
at the effective scan rate of 3 mV/s. However, at an effective scan rate of 3 mV/s, the differential
pulse voltammograms appear almost as mirrors of each other, indicating that the oxidations and
reductions are happening at similar potentials. As before, this may be assigned to the series:
[MnIV(Cl4Cat)3]
2− −−⇀↽− [MnIV(Cl4Cat)2(Cl4SQ)]− −−⇀↽− MnIV(Cl4Cat)(Cl4SQ)2
Or:
[MnIII(Cl4Cat)2(Cl4SQ)]
2− −−⇀↽− [MnIII(Cl4Cat)(Cl4SQ)2]− −−⇀↽− MnIII(Cl4SQ)3
Calcuations for Kcom, assuming that the peaks in Figure 3.21 are coupled, gives Kcom =
2.3 · 105, which would place this complex as Class II in DMSO.
Peak fitting on Figure 3.20 gives just two one-electron oxidations at −301 mV and +95 mV,
and while the reduction peak at −95 mV is too broad to be a simple two-electron reduction, this
can again be assigned to kinetics, and as the reduction peak has a FWHM of 197 mV, it is likely
that this is two one-electron couples that are close in E◦ but have an interaction with each other
at the electrode’s surface. This is also supported by the behavior of the complex when ferrocene is
present, which interferes with that interaction, causing a peak shift (Figure 3.15).
Differential pulse voltammetry in methanol also has some unusual features (Figure 3.22). The
clearly reversible couple from cyclic voltammetry is readily apparent at −160 mV, with the expected
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Figure 3.20: Differential pulse voltammograms of (Pr4N)2[Mn(Cl4Cat)3] in DMSO vs
FeCp2/FeCp2
+ at an effective scan rate of 100 mV/s. Pulse width = 50 ms, Pulse period = 100 ms,
Step potential = 10 mV, Pulse amplitude = 50 mV.
48
Figure 3.21: Differential pulse voltammograms of (Pr4N)2[Mn(Cl4Cat)3] in DMSO vs
FeCp2/FeCp2
+ at an effective scan rate of 3 mV/s. Pulse width = 300 ms, Pulse period = 600 ms,
Step potential = 2 mV, Pulse amplitude = 50 mV.
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∆Ep of 10 mV, equal to the pulse amplitude. However, the quasireversible couple seen in the CV
at approximately −28 mV appears here with a current similar to the reversible couple, but with an
uneven and broadened peak, at approximately −65 mV. The couple previously assigned to a bis
species generated in situ appears reversibly at +230 mV. It clearly has much less amplitude than the
other two couples, and here the case that a bis species is formed through reversible ligand oxidation
and dissociation is strengthened. Reversible ligand dissociation would explain why the couple at
−65 mV has an unusual shape, as the tris complex does not maintain a constant concentration due
to formation of the bis species. The same three-membered redox series would apply, as in DMSO,
as the concentration of the bis species does not approach that of the tris species, hence the reduced
current magnitude of the +230 mV couple. Calculating the comproportionation constant between
the dianion and neutral forms gives Kcom = 40, making the manganese complex Class I in MeOH.
3.2.3 Cyclic voltammetry of [Fe(Cl4Cat)3]
3–
Cyclic voltammetry was performed on (Bu4N)3[Fe(Cl4Cat)3] and Fe(Cl4SQ)3, which have the
same cyclic voltammograms. The iron complex has unique electrochemical properties, specifically,
it has three clear oxidative peaks, similar to the chromium analog, but only one clear reductive
peak. It is only at very slow scan rates that three reductive peaks become clear. In DMSO, the
oxidation peaks are at −226 mV, 119 mV, and 404 mV vs FeCp2/FeCp2+ (Figure 3.23). These can
be assigned to the redox series:
[Fe(Cl4Cat)3]
3− −−⇀↽− [Fe(Cl4Cat)2(Cl4SQ)]2− −−⇀↽− [Fe(Cl4Cat)(Cl4SQ)2]− −−⇀↽− Fe(Cl4SQ)3
At 25 mV/s, only one reduction peak is clear, but when slowed to 5 mV/s and 2 mV/s, each
oxidation peak has a matching reduction peak. As with the manganese complex, the iron has
different reduction kinetics than oxidation kinetics. This could be due to pi-stacking interactions,
as addition of ferrocene causes the first oxidation peak to lose amplitude and the second to disappear
(Figure 3.24). The reduction peak remains, but it, too, has lost amplitude. The capacitive current,
on the other hand, has diminished, and the reduction coupled with the last oxidation, while still
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Figure 3.22: Differential pulse voltammograms of (Pr4N)2[Mn(Cl4Cat)3] in MeOH vs
FeCp2/FeCp2
+ at an effective scan rate of 3 mV/s. Pulse width = 300 ms, Pulse period = 600 ms,
Step potential = 2 mV, Pulse amplitude = 10 mV.
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not a clear peak, is more defined. This implies that the reduction of the iron complex is spread
out over the range of about 560 mV to −360 mV, with the peak at −292 mV the equivalent of a
3-electron reduction as all oxidized species are reduced.
Assigning reduction peak potentials using the 5 mV/s CV, the E1/2 of these couples are at
349 mV, 62 mV, and −259 mV. The ∆Ep of the −259 mV couple is 65 mV, close to the ideal 59/n,
but the 349 mV and 62 mV couples have a larger ∆Ep of 90 mV and 85 mV, respectively. This
is consistent with slow electron transfer. As scan rate increases, the ∆Ep of the −259 mV couple
also increases, giving ∆Ep = 100 mV at 25 mV/s, although the E1/2 does not shift, as expected
for a reversible couple.
Figure 3.23: Cyclic voltammograms of 1 mM (Bu4N)3[Fe(Cl4Cat)3] in DMSO vs FeCp2/FeCp2
+.
In MeOH, the iron complex shows the same electrochemical profile as in DMSO. Figure 3.25
shows CVs of (Bu4N)3[Fe(Cl4Cat)3] in MeOH at scan rates from 25 mV/s to 1 mV/s. These
voltammograms show how narrow the potential range for the iron redox series is (all the couples
are within approximately 0.5 V), as well as the scan rate dependence of the reductions. Figure 3.26
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Figure 3.24: Cyclic voltammograms at 10 mV/s of (A) 1 mM (Bu4N)3[Fe(Cl4Cat)3] and (B) 1 mM
(Bu4N)3[Fe(Cl4Cat)3] with 1.7 mM ferrocene in DMSO vs FeCp2/FeCp2
+. The most prominent
couple in (B) is ferrocene.
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illustrates the very slow scan rates required to distinguish the individual reduction peaks. From
the 1 mV/s CV, ligand based reduction couples appear at 231 mV, 73 mV, and −103 mV vs
FeCp2/FeCp2
+.
Because the iron complex has been synthesized as both Fe(Cl4SQ)3 and (Bu4N)3[Fe(Cl4Cat)3],
UV-Visible spectral data for these complexes may be compared to a spectroelectrochemical series
(Figure 3.27). As discussed in Section 3.1.4.2, the neutral complex, Fe(Cl4SQ)3, and the monoan-
ion, [Fe(Cl4Cat)(Cl4SQ)2]
–, have nearly identical electronic spectra. Each member of the redox
series is observed, with characteristic λmax as indicated.
3.2.4 Differential pulse voltammetry of [Fe(Cl4Cat)3]
3–
Differential pulse voltammetry was performed on (Bu4N)3[Fe(Cl4Cat)3] in DMSO and MeOH.
Like the manganese complex, DPV still shows scan rate dependence. In DMSO, at an effective
scan rate of 20 mV/s (Figure 3.28), two small reductions are visible at approximately 410 mV
and 120 mV, but the reduction is dominated by a large peak at −289 mV. However, at an effec-
tive scan rate of 3 mV/s, three clear reduction peaks are apparent to match the three oxidation
peaks. Peak fitting using Igor Pro Multipeak fitting 2 package gives the results in Table 3.6. This
shows that there are three one-electron couples, reversible at slow scan rates, corresponding to
[Fe(Cl4Cat)3]
3– −−⇀↽− [Fe(Cl4Cat)2(Cl4SQ)]2–, [Fe(Cl4Cat)2(Cl4SQ)]2– −−⇀↽− [Fe(Cl4Cat)(Cl4SQ)2]–,
and [Fe(Cl4Cat)(Cl4SQ)2]
– −−⇀↽− Fe(Cl4SQ)3 respectively. Further, the peak-to-peak separation for
all of these couples is approximately 50 mV, the pulse amplitude.
Table 3.6: Ep, ∆Ep/2, and E1/2 from DPV of the iron complex in DMSO, as found using the
Multipeak Fitting 2 package in Igor Pro. Effective scan rate = 3 mV/s
Oxidation Reduction
Ep (mV) ∆Ep/2 (mV) Ep (mV) ∆Ep/2 (mV) E1/2 (mV)
−333 93 −287 85 −310
46 92 101 90 74
324 112 373 109 349
From these values, Kcom can be calculated. For the E−3/−1 couples, Kcom = 2.97 · 106, and
54
Figure 3.25: Cyclic voltammograms of 1 mM (Bu4N)3[Fe(Cl4Cat)3] in MeOH at scan rates of
25 mV/s, 10 mV/s, 5 mV/s, and 1 mV/s.
Figure 3.26: Cyclic voltammograms of 1 mM (Bu4N)3[Fe(Cl4Cat)3] in MeOH at scan rates of
5 mV/s and 1 mV/s.
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Figure 3.27: Electronic spectra on members of the [Fe(Cl4Q)3]
n– (n = 1 – 3)redox series ob-
tained in spectroelectrochemical measurements beginning with Fe(Cl4SQ)3 in acetonitrile solu-
tion containing 0.10 M (NBu4)(PF6) as electrolyte. Potentials referenced to FeCp2/FeCp2
+.
Peaks correspond to (a) [Fe(Cl4Cat)3]
3– at −0.17 V, (b) [Fe(Cl4Cat)2(Cl4SQ)]2– at 0.05 V, and
(c) [Fe(Cl4Cat)(Cl4SQ)2]
– at 0.16 V.
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for the E−2/0 couples, Kcom = 4.44 · 104. This gives Class II bordering on Class III for the E−3/−1
couples and Class II for the E−2/0 couples, which helps explain why the −310 mV couple has a
larger current. The separation between the monoanion and trianion is distinct (Class III), but once
oxidized to the dianion, there’s a Class II relationship between that and the neutral complex. This
causes the electron transfer kinetics to overlap more and gives less distinct redox peaks.
This relationship is more apparent in MeOH (Figures 3.30 and 3.31). At an effective scan
rate of 20 mV/s, all three oxidation peaks are clear. The reduction peaks are observed as one at
+329 mV, followed by a ramp up to a larger peak at −75 mV which corresponds to the three-
electron reduction observed at faster scan rates in cyclic voltammetry. At an effective scan rate of
3 mV/s, three distinct reduction peaks are observed to match the three oxidation peaks (Table 3.7).
Table 3.7: Ep, ∆Ep/2, and E1/2 from DPV of the iron complex in MeOH, as found using the
Multipeak Fitting 2 package in Igor Pro. Effective scan rate = 3 mV/s
Oxidation Reduction
Ep (mV) ∆Ep/2 (mV) Ep (mV) ∆Ep/2 (mV) E1/2 (mV)
−58 106 −51 103 −55
119 100 134 127 127
270 85 297 88 284
Calculating Kcom with these values gives Kcom = 1.2 · 103 for the E−3/−1 couples, and
Kcom = 4.5 · 102 for the E−2/0 couples. This confirms the trend from DPV in DMSO, as the E−2/0
couples have more charge localization for both solvents than the E−3/−1 couples. In MeOH, the
complex behaves as Class I for all couples, continuing the trend of the protic solvent inhibiting
electron transfer between ligands.
Recalling that Kcom refers to the equilibrium Ox+Red2 −−⇀↽− 2Red1, it is apparent that in re-
ducing the complex from Fe(Cl4SQ)3, the dianion, [Fe(Cl4Cat)2(Cl4SQ)]
2–, is the least stable redox
isomer and will revert to the monoanion [Fe(Cl4Cat)(Cl4SQ)2]
– and the trianion [Fe(Cl4Cat)3]
3–.
This can even be seen in the oxidation peaks in DPV in MeOH, where the +119 mV peak has
less magnitude than the other two. This is also why the ∆Ep found by Igor Pro is larger for
this couple in both oxidation and reduction, as the kinetics are slower for electron transfer. This
57
Figure 3.28: Differential pulse voltammograms of (Bu4N)3[Fe(Cl4Cat)3] in DMSO at an effective
scan rate of 20 mV/s. Pulse width = 50 ms, Pulse period = 20 ms, Step potential = 4 mV, Pulse
amplitude = 50 mV.
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Figure 3.29: Differential pulse voltammograms of (Bu4N)3[Fe(Cl4Cat)3] in DMSO at an effective
scan rate of 3 mV/s. Pulse width = 300 ms, Pulse period = 600 ms, Step potential = 2 mV, Pulse
amplitude = 50 mV.
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is especially obvious in the DPV at an effective scan rate of 20 mV/s, where the reduction peak
for [Fe(Cl4Cat)(Cl4SQ)2]
– −−→ [Fe(Cl4Cat)2(Cl4SQ)]2– simply bleeds into the reduction peak for
[Fe(Cl4Cat)2(Cl4SQ)]
2– −−→ [Fe(Cl4Cat)3]3–.
3.2.5 Cyclic Voltammetry of [Co(Cl4Cat)2(Cl4SQ)]
2–
Cyclic voltammetry of (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] and (Ph4P)2[Co(Cl4Cat)2(Cl4SQ)] re-
sulted in the same electrochemical behavior. In DMSO the cobalt complex has two closely over-
lapping couples, which become more distinguishable at slower scan rates, at E1/2 = −247 mV
and −316 mV vs FeCp2/FeCp2+ (Figure 3.32). Because the cobalt complex is mixed-valence as
synthesized, the reduced species could be either [Co(Cl4Cat)2(Cl4SQ)]
2– or [Co(Cl4Cat)3]
3–.
A scan on the same DMSO solution using a wider potential range is shown in Figure 3.33.
From this it can be determined that the species present at potentials negative of −400 mV is
[Co(Cl4Cat)3]
3–, as no further reductions are observed despite going to −2091 mV. Two more irre-
versible oxidations at approximately 460 mV and 660 mV can be seen in both (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)]
and (Ph4P)2[Co(Cl4Cat)2(Cl4SQ)] cyclic voltammograms, which could be cleavage of carbon-
chlorine bonds and/or an oxidation and dissociation of one or more ligands.
Another question is how many electrons are involved in the reversible couple/couples. In Fig-
ure 3.34, at 10 mV/s, with a 1 mM concentration of both ferrocene and (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)],
the total peak height (ipc − ipa) is 15.5 µA for the cobalt complex at −247 mV, and 11.2 µA for
ferrocene. The cobalt complex has a larger peak current than an equimolar amount of ferrocene,
indicating that more than one electron is involved in the couple. However, it could be either two or
three electrons, depending on if the complex is oxidized to Co(Cl4SQ)3 or [Co(Cl4Cat)(Cl4SQ)2]
–.
A more direct cyclic voltammetric comparison is the peak-to-peak separation, ∆Ep, which
at 25 ◦C is ideally 59/n mV.15 The ∆Ep is also used as a criteria for reversibility of a redox couple.
In Figure 3.34 the ∆Ep for ferrocene is 77 mV, rather than the ideal 59 mV, but this correlates
well with other sources for ferrocene in DMSO.67 The cobalt complex, however, has two closely
overlapping peaks. Determining what the ∆Ep is for each couple is complicated by the difficulty
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Figure 3.30: Differential pulse voltammograms of (Bu4N)3[Fe(Cl4Cat)3] in MeOH at an effective
scan rate of 20 mV/s. Pulse width = 50 ms, Pulse period = 200 ms, Step potential = 4 mV, Pulse
amplitude = 50 mV.
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Figure 3.31: Differential pulse voltammograms of (Bu4N)3[Fe(Cl4Cat)3] in MeOH at an effective
scan rate of 20 mV/s. Pulse width = 300 ms, Pulse period = 600 ms, Step potential = 2 mV, Pulse
amplitude = 25 mV.
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Figure 3.32: Cyclic voltammograms of 1 mM (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in DMSO vs
FeCp2/FeCp2
+ at 10 mV/s, 50 mV/s, and 200 mV/s.
Figure 3.33: Cyclic voltammogram of 1 mM (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in DMSO vs
FeCp2/FeCp2
+ at 200 mV/s.
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Figure 3.34: Cyclic voltammogram of (A) 1 mM (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] with 1 mM ferrocene
in DMSO and (B) 1 mM (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] at 10 mV/s. The couple at 91 mV is
FeCp2/FeCp2
+. Start/end potential −700 mV, range +400 mV to −1000 mV.
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in picking out at what potential the forward and reverse peaks are. Estimating from the 50 mV/s
cyclic voltammogram, the more positive couple has a ∆Ep of approximately 70 mV, and the more
negative couple has a ∆Ep of approximately 65 mV. Comparing this to the one-electron ferrocene
∆Ep, these couples are one electron each.
The difference in E1/2 for the cobalt complex couples also fits well with calculations by
Richardson and Taube,82 in that the peak-to-peak difference of the most positive and most negative
of the overlapping peaks (−226 mV and −323 mV, respectively, at 10 mV/s) is 97 mV, which
corresponds to a difference in E1/2 of approximately 70 mV. This is the calculated difference
between the two couples (−247mV− 316mV = 69mV).
A comparison of the cyclic voltammogram of (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] with and without
ferrocene (Figure 3.34) also shows that the addition of ferrocene does not affect the cobalt complex
couples. Because the ferrocene couple does not overlap with those of the cobalt complex, there
is not pi-stacking interaction at the electrode surface between the cyclopentadienyl rings and the
quinone rings.
The solvent effect in methanol also holds for the cobalt complex. Figure 3.35 shows a 1 mM
solution of (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in MeOH. As with the iron and manganese analogs, the
cyclic voltammogram appears compressed, which for the cobalt complex results in a reversible two-
electron couple at E1/2 = −133 mV vs FeCp2/FeCp2+ that does not resolve into separate peaks,
even at slow scan rates.
Direct comparison of cyclic voltammograms of (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in DMSO and
MeOH is shown in Figure 3.36. The potential shift to a single couple at −133 mV in MeOH from
two couples at −247 mV and −316 mV in DMSO is apparent, as well as how the peak in MeOH
is not split into overlapping couples, but appears as a single forward/reverse peak. The difference
in current is, of course, due to differences in diffusivity in different solvents and different dielectric
properties. The positive potential shift is also observed for the iron complex.
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Figure 3.35: Cyclic voltammograms of 1 mM (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in MeOH vs
FeCp2/FeCp2
+ at 5 mV/s, 25 mV/s, and 100 mV/s.
Figure 3.36: Cyclic voltammograms of 1 mM (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in (A) MeOH and (B)
DMSO vs FeCp2/FeCp2
+ at 25 mV/s.
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3.2.6 Differential Pulse Voltammetry of [Co(Cl4Cat)2(Cl4SQ)]
2–
Figure 3.37 shows differential pulse voltammograms of (Ph4P)2[Co(Cl4Cat)2(Cl4SQ)] in DMSO.
The more positive couple has Epa = −261 mV and Epc = −241 mV vs FeCp2/FeCp2+, giving a
E1/2 of −251 mV. The more negative couple appears at Epa = −331 mV and Epc = −301 mV,
giving a E1/2 of −316 mV. These values fit very well with the numbers from cyclic voltammetry.
It is also easier to see the peak differences in anodic processes in the differential pulse voltammo-
gram, something not clear in the cyclic voltammogram. It should be noted that adjusting the DPV
parameters to clarify peak separation resulted in a voltammogram with fewer data points, so there
is a larger margin of error in peak location, which is why the peak-to-peak separation is less than
50 mV.
For the cobalt complex, even with DPV, it is difficult to separate the overlapping peaks
observed in DMSO. Peak fitting in Igor Pro using the Multipeak Fitting 2 package gives the two
overlapping peaks ∆Ep/2 of 106 mV and 85 mV, which correlates to two one-electron peaks. This
provides yet more evidence that the cobalt complex behaves as a weakly-coupled Class II compound
in DMSO, as theoretically a two-electron transfer of a true Class I complex would be a peak with
∆Ep/2 of 45.2 mV. For ferrocene in DMSO, DPV gives a ∆Ep/2 of about 90 mV, as expected.
These calculations combined with data from cyclic voltammetry confirm that the cobalt
complex couple is a two-electron transfer, going from [Co(Cl4Cat)3]
3– to [Co(Cl4Cat)(Cl4SQ)2]
–,
and the last oxidation to a neutral complex is either not observed or irreversible. This is also
supported by the lack of a synthesis for Co(Cl4SQ)3, which further indicates that such a species
is not stable. The difference in peak height of the two overlapping couples is most likely due
to a difference in diffusion coefficient, especially considering the flattening and broadening of the
[Co(Cl4Cat)3]
3– −−⇀↽− [Co(Cl4Cat)2(Cl4SQ)]2– couple. A difference in diffusion coefficient would
also explain why the overlapping anodic peaks are more apparent in differential pulse voltammetry
than in cyclic voltammetry, as differential pulse voltammetry allows time for a diffusion layer to
come to equilibrium at the electrode surface, by holding the potential constant on the order of
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Figure 3.37: Differential pulse voltammograms of 1 mM (Ph4P)2[Co(Cl4Cat)2(Cl4SQ)] in DMSO.
Step E = 10 mV, Pulse amplitude = 50 mV, Pulse width = 50 ms, Pulse period = 100 ms.
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milliseconds (in Figure 3.37, 50 ms, specifically). It also emphasizes the reversibility of the two
couples, in that both are clearly observed to be mirrors of each other in the differential pulse
voltammogram, much like the iron complex at slow scan rates.
Using the E1/2 values from DPV for the [Co(Cl4Cat)3]
3– −−⇀↽− [Co(Cl4Cat)2(Cl4SQ)]2– and
[Co(Cl4Cat)2(Cl4SQ)]
2– −−⇀↽− [Co(Cl4Cat)(Cl4SQ)2]– couples, Kcom calculates to 13 (at 25 ◦C), and
thus Class I by Robin and Day classification. This confirms again that the ligands of the cobalt
complex are very weakly coupled, and while the EPR spectrum shows that the ligands communicate
on the EPR timescale, electron transfer kinetics in DMSO are fast enough to observe overlapping
couples, but slow enough to still result in Class I character.
This is also supported by DPV in MeOH (Figure 3.38). Only one cathodic or anodic peak
is observed, although they are not as sharp as theoretical two-electron peaks would be, having
an average ∆Ep of 125 mV. Comparing this result to DMSO, it seems that although the cobalt
complex may be classified as Class I, it has enough Class II character to broaden the DPV peaks.
While the solvent effect of MeOH is to increase the valence localization, there is still enough electron
transfer between ligands to broaden the peaks. The E1/2 given by DPV in MeOH is −129 mV vs
FeCp2/FeCp2
+, which fits well with cyclic voltammetry.
3.2.7 Comparison of Electrochemical Behavior
Each of these first-row transition metal complex behaves in its own unique way. However,
there are some clear similarities between the complexes. Figure 3.39 shows cyclic voltammograms
of the iron, manganese, and cobalt complexes in DMSO at 25 mV/s. Comparing the cyclic voltam-
mograms of all three complexes in the same solvent makes the assignment of number of electrons
transferred per couple more obvious. As all three complexes are similar in mass and size, it is
reasonable to assume that they have similar diffusion coefficients. Diffusion coefficients were cal-
culated with the Randles-Sevcik equation, using the constant ipf/v
1/2. Plugging in n = 1 for the
manganese and iron complexes, and n = 2 for the cobalt complex, results in similar diffiusion co-
efficients all three complexes (Table 3.8). This allows a more direct peak current comparison than
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Figure 3.38: Differential pulse voltammograms of 1 mM (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in MeOH.
Step E = 4 mV, Pulse amplitude = 50 mV, Pulse width = 50 ms, Pulse period = 200 ms.
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is possible with ferrocene.
Table 3.8: Diffusion coefficients for reduced species calculated from the first oxidation peak, at
25 ◦C
Diffusion Coefficient x106 cm2/s
[Mn(Cl4Cat)3]
2– 3.9
[Fe(Cl4Cat)3]
3– 3.9
[Co(Cl4Cat)3]
3– 3.8
The initial oxidation peak for the cobalt complex has approximately twice the current as the
iron and manganese complexes, confirming previous assignment of the reversible cobalt couple as
a Class I two-electron couple (i.e. two one-electron couples at nearly the same potential). This
also confirms assignment of one-electron oxidations to the first and second oxidation peaks for the
manganese and iron complexes, which not only fit well with their peak currents, but also with their
peak potentials.
The broadness of the iron complex reduction is also more obvious when compared to the well-
defined cobalt complex reduction. The manganese complex reduction is still unclear at 25 mV/s,
however, when scan rates of 5 mV/s are compared (Figure 3.40) not only do the iron complex
reductions become clear, but the two manganese complex reductions are seen to be one electron
each. Further, considering peak potentials for the iron and manganese complex, the two oxidation
peaks and two reduction peaks for the manganese analog can be assigned as [Mn(Cl4Cat)3]
2– −−⇀↽−
[Mn(Cl4Cat)2(Cl4SQ)]
– and [Mn(Cl4Cat)2(Cl4SQ)]
– −−⇀↽− Mn(Cl4Cat)(Cl4SQ)2. As previously dis-
cussed (Section 3.2.1), these couples may be subject to valence tautomerism, however, this property
does not affect the number of electrons transferred.
Also noteworthy is that the initial one-electron cobalt complex oxidation peak, which is very
difficult to see in the cyclic voltammogram, can, upon careful inspection, be seen as a shoulder
at approximately the same peak potential as the iron and manganese complexes, further evidence
that the cobalt peak is the result of two closely overlapped couples.
In methanol the complexes have similar behavior. As has been previously noted, methanol
compresses the redox potential range for all three complexes by increasing the charge localization
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Figure 3.39: Cyclic voltammograms of 1 mM (A) (Pr4N)2[Mn(Cl4Cat)3], (B) (Bu4N)3[Fe(Cl4Cat)3],
and (C) (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in DMSO at 25 mV/s.
Figure 3.40: Cyclic voltammograms of 1 mM (A) (Pr4N)2[Mn(Cl4Cat)3], (B) (Bu4N)3[Fe(Cl4Cat)3],
and (C) (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in DMSO at 5 mV/s.
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on the ligands, making the complexes more Class I in nature. Figure 3.41 shows all three complexes
in MeOH at 100 mV/s, and Figure 3.42 shows all three complexes in MeOH at 10 mV/s. Once
again, the current for the cobalt complex peaks is much larger than for the corresponding iron
or manganese complex peaks, futher confirming that it is a two-electron transfer. The reduction
peaks for all three analogs are close in potential at fast scan rates, with Epr of −190 mV for
manganese, −162 for iron, and −185 for cobalt. The initial iron complex oxidation (Epf = 0 mV
at 10 mV/s) is more obviously positive than the manganese or cobalt complexes (−120 mV and
−89 mV, respectively).
These oxidations and reductions are still quite close in potential. Clearly, the iron complex
is slightly more difficult to oxidize in methanol than the manganese or cobalt analogs, but the
potentials are all still quite close to each other. The reversible manganese complex couple at
approximately −150 mV is only 27 mV away from the cobalt complex couple at −133 mV. This
indicates that the redox couples observed for these complexes are truly ligand-based.
Methanol also shifts the potentials more positive for all of the couples. This information,
combined with the narrowing of the potential range, indicates that there is interaction between
the methanol and the complexes. Methanol is a small molecule and capable of hydrogen bonding.
Considering that the narrowing of the potential range means that all the complexes have more
charge localization, the methanol must inhibit electron transfer through the metal center either
by interaction with the chelated oxygens, or by stabilizing charge on the electronegative chlorine
substituents. Conversely, DMSO is a more polar solvent that encourages electron transfer between
ligands, by allowing more charge delocalization over the quinone rings. The positive potential shift
of the couples in MeOH is due to interaction between the solvent and the complex, which interferes
with electron transport between the complex and the electrode surface.
The difference in electrochemical behavior between the transition metals hinges upon electron
transfer between ligands, and between ligands and metal. One difference between the manganese
complex and the iron and cobalt analogs is that, barring the most negative couple in MeOH, the
manganese does not have reversible couples. Manganese is more susceptible to ligand dissociation,
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Figure 3.41: Cyclic voltammograms of 1 mM (A) (Pr4N)2[Mn(Cl4Cat)3], (B) (Bu4N)3[Fe(Cl4Cat)3],
and (C) (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in MeOH at 100 mV/s.
Figure 3.42: Cyclic voltammograms of 1 mM (A) (Pr4N)2[Mn(Cl4Cat)3], (B) (Bu4N)3[Fe(Cl4Cat)3],
and (C) (Pr4N)2[Co(Cl4Cat)2(Cl4SQ)] in MeOH at 10 mV/s.
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which accounts for the irreversibility and quasireversibility of its couples. One property previously
noted is valence tautomerism, which is not possible to determine with these experiments, but may
contribute to quasireversibility of the manganese couples. In valence tautomerism, ligand-based
orbitals and metal-based orbitals have the same energy. However, the shift between MnIV and
hs-MnIII is accompanied by Jahn-Teller distortion. If the most oxidized form of the manganese
complex has valence tautomerism between MnIV(Cl4Cat)(Cl4SQ)2 and Mn
III(Cl4SQ)3, with the
latter as the more favorable isomer, this could account for the difference between reduction and
oxidation kinetics.
The difference between the cobalt and iron analogs is mainly in that the cobalt has reversible
couples at almost the same potential, while the iron exhibits reversible couples at scan rates less
than 5 mV/s at distinct potentials. Because the iron is hs-FeIII, and the cobalt is ls-CoIII, they
have different orbital occupancies. Gordon and Fenske, in their theoretical treatment of CrIII(Q)3
n
and FeIII(Q)3
n (where Q = Cat, SQ, or BQ) calculated that ”the occupied [Molecular Orbitals] are
considerably lower in energy for the iron complex than they are for the chromium complex.”83 While
cyclic voltammetry of Cr(Cl4Cat)3
3– demonstrates that there is easier electron transfer between
ligands than in the iron analog, this point can help explain the difference between the iron and
cobalt complexes.
The occupied metal antibonding d-orbitals in a high spin octahedral iron complex lengthen
the bond distance and inhibit electron transfer. The low spin octahedral cobalt complex, by con-
trast, has no electrons in the metal antibonding d-orbitals, but it is a Class I compound that has very
slow electron transfer between ligands. The relative stability of the MOs explains this discrepancy.
If the cobalt complex has MOs higher in energy and more ligand-based than metal-based, it would
account for the Class I character. However, a theoretical treatment of tris(o-tetrachloroquinone)
complexes has yet to be performed.
Chapter 4
Conclusion
The synthesis and characterization of tris(tetrachloroquinone) complexes of manganese, iron,
and cobalt has been presented, to complete the series of first row transition metal-tris(tetrachloroquinone)
complexes. Their electrochemical properties were studied using cyclic voltammetry and differen-
tial pulse voltammetry in different solvents. In the same way that different bridging molecules
have been used to investigate analogs of the mixed-valence Creutz-Taube ion, synthesizing quinone
complexes using different transition metal centers was used to investigate electronic coupling be-
tween redox-active ligands. These complexes have multiple ligand-based redox couples in a narrow
potential range, which is a property desirable in an electrocatalyst.
The manganese complex, tris(tetrachlorocatecholato)manganese(IV), proved difficult to char-
acterize. It was previously synthesized by other researchers, but not characterized electrochemically.
It behaves very differently in DMSO and MeOH, and may be susceptible to valence tautomerism.
Experiments in cyclic voltammetry and differential pulse voltammetry indicate a three membered
redox series:
[MnIV(Cl4Cat)3]
2− −−⇀↽− [MnIV(Cl4Cat)2(Cl4SQ)]− −−⇀↽− MnIV(Cl4Cat)(Cl4SQ)2
Or:
[MnIII(Cl4Cat)2(Cl4SQ)]
2− −−⇀↽− [MnIII(Cl4Cat)(Cl4SQ)2]− −−⇀↽− MnIII(Cl4SQ)3
It is possible that all six redox isomers could exist, however it is not possible to determine with
available technology. The manganese complex does not have reversible couples in DMSO, although
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it does have two one-electron oxidations and two one-electron reductions. In MeOH, there is one
reversible one-electron couple, and one quasireversible one-electron couple. There is also the possi-
bility that a bis(tetrachloroquinone) complex was formed, especially in MeOH. Changing oxidation
states of the manganese due to valence tautomerism may cause the quinone ligands to be more
labile, which could account for some features of its cyclic voltammograms.
The iron complex is stable in multiple oxidation states, allowing synthesis as both neutral
tris(tetrachlorosemiquinonato)iron(III) and trianion tris(tetrachlorocatecholato)iron(III) redox iso-
mers. A four-membered redox series was characterized using spectroelectrochemistry:
[Fe(Cl4Cat)3]
3− −−⇀↽− [Fe(Cl4Cat)2(Cl4SQ)]2− −−⇀↽− [Fe(Cl4Cat)(Cl4SQ)2]− −−⇀↽− Fe(Cl4SQ)3
The iron complex had distinct λmax shifts depending on whether a solvent was protic or aprotic,
which was assigned to solvent-dependent shifts in excited states. The different redox isomers were
investigated using spectroelectrochemistry, with a clear shift in λmax between [Fe(Cl4Cat)3]
3–,
[Fe(Cl4Cat)2(Cl4SQ)]
2–, and [Fe(Cl4Cat)(Cl4SQ)2]
–. [Fe(Cl4Cat)(Cl4SQ)2]
– and Fe(Cl4SQ)3 had
very similar electronic spectra.
The iron complex has a unique electrochemical profile, with three clear one-electron oxidation
peaks, but only one three-electron reduction peak in cyclic voltammograms. It is only at very
slow scan rates, less than 5 mV/s, that three one-electron reduction peaks appear in the cyclic
voltammogram. This property, which occurs in both DMSO and MeOH, has been clarified using
differential pulse voltammetry. In DMSO, the iron complex behaves as a Class II compound (for
E−3/−1, Kcom = 2.97 · 106, and for E−2/0, Kcom = 4.44 · 104), while in MeOH, the iron complex
behaves as a Class I compound (for E−3/−1, Kcom = 1.2 · 103, and for E−2/0, Kcom = 4.5 · 102).
The entire redox series occurs in a narrow potential window, of approximately 0.5 V. This can
allow multiple electron transfer for electrochemical reactions at approximately the same potential.
This makes the iron complex potentially useful as an electrocatayst, as it can supply or accept
three electrons without forming unstable intermediates. In fact, at faster scan rates, the reduction
kinetics are equivalent to a three-electron peak, going from the oxidized neutral complex to the
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reduced trianion complex at essentially the same potential. This could make the iron complex
valuable as an electrocatalytic oxidizing agent.
The cobalt complex differs from the rest of the first-row transition metals in that it is synthe-
sized in the mixed-valence state bis(tetrachlorocatecholato)(tetrachlorosemiquinonato)cobalt(III).
In both cyclic voltammetry and differential pulse voltammetry, two one-electron couples are ob-
served, which are very close in potential. These may be distinguished in DMSO, but appear as a
single two-electron couple in MeOH. The cobalt complex does not appear to have a stable neutral
redox isomer. The three-membered cobalt complex redox series is:
[Co(Cl4Cat)3]
3− −−⇀↽− [Co(Cl4Cat)2(Cl4SQ)]2− −−⇀↽− [Co(Cl4Cat)(Cl4SQ)2]−
It is a Class I compound in both DMSO and MeOH, with very weakly coupled ligands (Kcom = 13
in DMSO). In the solid state, the coupling occurs on the EPR timescale, as is shown by the lack
of hyperfine splitting on the EPR spectrum. This is also supported by the very weak IVCT band
in the Near-IR. As with the iron complex, having multiple couples close in potential could make
the cobalt complex useful as an electrocatalyst, although it would supply or accept two electrons
rather than three.
Synthetic methods for all of the complexes were similar. The iron and manganese analogs
have both previously been synthesized, and a synthesis for the cobalt analog was described. Once
synthesized, the catecholate complexes all showed good stability in air. The complexes are all
octahedral, and various counter-ions were used to facilitate X-Ray crystallography.
The electrochemistry of these complexes is intriguing and unique. The reduction peaks of
the manganese and iron analogs demonstrated a clear kinetic aspect, as the appearance of the
reduction peaks changed significantly with different cyclic voltammetric scan rates. In both cases,
reduction peaks appeared as one large peak at faster scan rates, which then resolved into one-
electron reduction peaks at scan rates less than 5 mV/s. Even the cobalt complex, which has
reversible couples, still had a kinetic aspect in the reduction peaks observed in DMSO, as scan
rates of 200 mV/s appeared as one two-electron reduction, which then resolved into two one-electron
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couples at slower scan rates. Experiments with ferrocene indicate that this property is possibly due
to pi-stacking interactions between the species at the electrode and the bulk solution, as addition
of ferrocene shifts reduction peaks when its couple overlaps with that of the complexes. This is
also supported by the crystal structure of (CoCp2)3[Fe(Cl4Cat)3], which has the cyclopentadienyl
rings of the cobaltocenium stacked on the tetrachlorocatecholate rings.
In methanol, all of the complexes had a narrower potential range for their redox couples, i.e.
they had increased valence localization. This could be due to hydrogen bonding at the chelated
oxygens, or some stabilization of the charge on the electronegative chlorines. Methanol is also an
unavoidably wet solvent, so water may also have played a part in the electrochemistry.
These complexes have unique, ligand-based redox properties that have not been observed
in other transition metal complexes. They behave differently than traditional mixed-valence com-
pounds, whose redox active centers are metals bridged by nonmetal molecules. Ligand-based redox
chemistry also avoids the constraints of oxidative addition and reductive elimination at the metal
center, which opens up other possible reactive pathways. The iron and cobalt complexes both ex-
hibit reversible electron couples in a narrow potential range, with a total of three and two electrons
transferred, respectively. This makes them candidates for futher investigation as electrocatalysts.
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